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ABSTRACT

This project was initiated in August, 1982 to compile .and critically evaluate the
data from existing literature on chemical (precipitation/dissolution and adsorp-
tion/desorption) and biological (methylation and alkylation) attenuation mechanisms
that affect aqueous concentrations of elements and thus their geochemical behavior
in the subsurface environment., Elements considered for chemical mechanisms were Al,
Sb, As, Ba, Be, B, Cd, Cr, Cu, F, Fe, Pb, Mn, Hg, Mo; Ni, Se, Na, S, V and ZIn. The
review of biological mechanisms focused on microbiological alkylation of As, Hg, and
Se. This report (Volume 1) deals with a critical review of these chemical and
biological attenuation mechanisms, whereas Volume 2 "Attenuation Rates, Coefficients
and Constants in Leachate Migration: An Annotated Bibliography" lists over

350 references and abstracts pertaining to this topic.

The information discussed in the report for each element includes 1) thermodynamic
predictions of stable solid and solution species which may be present in the utility
waste environment, 2) observed solubility-controlling solids, and 3) a summary of
the effect of different geochemical factors that control adsorption/desorption, The
definitions of constants and examples of their use in calculating attenuation
(Section 2), along with extensive tables for thermodynamic equilibrium constants and
adsorption/desorption constants for each element are an immportant aspect of this
rebort. Because quantitative information on alkylation is not available, calcula-
tions were made under assumed environmental conditions to display and assess the
importance of subsurface alkylation reactions,

As a result of this first phase, it was learned that adequate data to make
quantitative estimates of the rates of chemicaf'attenuation in the subsurface
environment exist for only a few solutes. Precipitation/dissolution and
adsorption/desorption were found to the most important chemical attenuation
mechanisms and the attenuation rates are expected to differ according to the

chemical element and the composition of the geologic material,




EPRI PERSPECTIVE

PROJECT DESCRIPTION

RP2198 was initiated to compile and develop new qﬁantitative data on chemical atten-
uation of inorganic elements in the subsurface environment. Phase I of the research
was devoted to compiling and réviewing the data from literature. Phase II of the
research will be devoted to the development of new quantitative data. Sthdy of
geochemical interactions between soils and groundwaters is one essential part of
EPRI's Solid Waste Environmental Studies project (RP2485) aimed at developing meth-
ods of predicting the environmental fate of leachates. In Phase I, the researchers
reviewed the literature on chemical attenuation to establish the applicability of
data to waste disposal systems on the basis and adequacy of experimental procedures,
degree of characterization, and data interpretation. Quantitative data summaries
for chemical and biological attenuation mechanisms (precipitation/dissolution,
adsorption/desorption, alkylation and methylation) are given in Volume 1. An
annotated bibliography is in Volume 2 of this report.

PROJECT OBJECTIVES

The objectives for Phase I of this project (RP2198-1) were to compile and evaluate
information on chemical attenuation of inorganic solutes and to design laboratory
and field experiments to obtain additional data on chemical attenuation of solutes
in the geologic environments.

PROJECT RESULTS

This Phase 1 report has successfully delivered a comprehensive compilation of data
on chemical attenuation rates and on constants and coefficients for 21 inorganic
elements (Al, Sb, As, Ba, Be, B, Cd, Cr, Cu, F, Fe, Pb, Mn, Hg, Mo, Ni, Se, Na, S,
V, ZIn). The research provided the data on which to base laboratory and field
experiments being conducted in the Phase Il research now under way in EPRI RP2485.
This report provides a unique collection of information compiled from an extensive
literature search and is to be used by the utility environmental staff who deal with
the issue of solid residue disposal and its effect on groundwater. This report
(Volume 1) is expected to be an important contribution to the subject of chemical




attenuation in soils. Volume 2, the annotated bibliography, contains about 350
pertinent publications that provide the data in Volume 1.

The important results from Phase I research are summarized below:

1. For only a few solutes, adequate data exist for making quantitative
estimates for the rates of chemical attenuation in the subsurface
environment.

2. Chemical attenuation rates should be expected to differ according to
the chemical element and the composition of the geological environ-
ments.

3. Precipitation/dissolution and adsorption/desorption are found to be
the most important chemical attenuation mechanisms.

4., Precipitation/dissolution, although recognized to be important, has
not been adequately studied, especially for trace elements.

5. Because of similarity in geochemical behavior, many elements can be
brought together and studied as a group. Such generalized groupings
can lead to more efficient research. .

Ishwar P. Murarka, Project Manager
Energy Analysis and Environment Division
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SUMMARY

Literature data applicable to chemical attenuation in the subsurface environment of
inorganic species contained in utility wastes were compiled and critically evaluated
for their usefulness in predicting the geochemical behavior of these inorganic
Species. Although biological attenuation mechanisms were also reviewed, chemical
attenuation mechanisms were judged to be more important for a majority of the
chemical species. Chemical attenuation refers to reactions that occur between
leachate constituents and geologic material, which change the distribution and
concentration of the inorganic species in the pore waters and hence their

mobility. These reactions can be grouped under two headings: 4
precipitation/dissolution and adsorption/desorption. Therefore, the review was
focused on establishing the effects of key hydrochemical and geologic factors on

precipitation/dissolution and adsorption/desorption mechanisms.

The information discussed in the report for each element includes 1) thermodynamic
predictions of stable solid and solution species which may be present in the utility
waste environment, 2) oBserved solubility-controlling solids, and 3) a summary of
the effect of different geochemical factors that control adsorption/desorption. The
definifions of constants and examples of their use in calculating attenuation
(Section 2) along with extensive tables for thermodynamic equilibrium constants and
adsorption/desorption constants for each element are an important aspect of this

report., Important findings from the review are summarized below.

PRECIPITATION/DISSOLUTION

The nature of the aqueous species is important in understanding both precipita-
tion/dissolution and adsorption/desorption reactions. As a general rule, complexed
species increase the solubility of solid phases and they are not adsorbed by mineral
surfaces. Thus, aqueous complexation may enhance mobility. The aqueous species
were predicted from selected thermodynamic data for each element under conditions
anticipated in the utility waste environment. The speciation calculations reported
in the text were made under an assumed groundwater composition (5042' = C1- =

10-3 M, NO3' = F- = 10-4 M, Br- = I- = 10-° M, pCO, = 10'3-52) and a range in pH'and
eH, However, the thermodynamic data can be used to calculate speciation under other

S-1




conditions as well, The predicted important aqueous species for different elements
are reported in Table 1. This table is provided only as an example of important
solution species for the elements. Additional details are elaborated in the text,
Table 1 does show that some of the elements are 1) cationic (e.g., Cd, Pb, Ni, ZIn)
and that these elements may exist in utility waste environment as complexes with
differing charge characteristics, 2) anionic (e.g., F-, Mooﬂ'), and 3) redox
sensitive {e.g., Cr, Se). This information was useful in grouping the elements
based on the similarities in their attenuation behavior. v

precipitation of solid phases is an.important attenuation mechanism. In cases where -

the solid phasé of an element is present or can form in substrata and rates of pre-
cipitation/disso]ution are rapid, the equilibrium solution concentration is con-
trolled by the solubility of the solid phase even though adsorption/desorption
reactions may be occurring. Therefore, the existing thermochemical literature was
reviewed to identify the most stable phases of different elements that may form in
the geologic environment. These stable phases were then used to predict, based on
available thermodynamic data, the equilibrium concentrations for the elements.
These predicted concentrations should only be used as a guide in cases where the
predictions have not yet been validated. Where possible, uncertainties and large

variabilities were identified in the existing thermodynamic data.

In general, the review indicated that precipitation/dissolution, although recognized
to be important; has not been adequately studied, especially for trace elements.
Except for a few elements (Al, Fe, Mn), either the.evidence for the existence of
solubility-controlling solid phases is indirect (comparison of ion activity products
to solubility products) or their existence is postulated to explain observed adsorp-
tion behavior. The limited information, however, does sugéest that a number of
solid/mineral phases (Table 2) may control the aqueous concentrations of selected
utility waste constituents in subsurface porewaters or groundwaters, This list will
undoubtedly expand as research progresses,

Many of the solids [e.g., BaSO,, PbCO3, Cr(OH)3] reported in Table 2 are particu-
larly germane to the utility waste environment where sulfate, bicarbonate/carbonate,
and hydroxide are dominant anions in the waste leachate, Hydroxide and carbonate
solids are more soluble at low pH values. Therefore, these solid phases are impor-
tant only in near neutral and alkaline geologic materials. Solubility-controlling
hydroxide and carbonate solid phases of trace elements (e.g., Cd, Pb, Cu) are

S-2




i# Element

Table S-1

IMPORTANT SOLUTION SPECIES OF ELEMENTS(?)

Unaffected by Oxidation-Reduction

Oxidizing Environment

Reducing Environment

P Al
k. Sb
As

Ba

o Be
; B

: cd
Cr
Cu
F

Fe

fb

Hg
Mo
Ni
Se
Na

S04

In

(a) This table should only be used as
con itions assumed for3tg§s tagle inglude
107°M, pCOp(gas) = 107°- Na, = Ca“ =

(b} Some of these species (e.g. SO, ,

A13+,A150;,A1F2+

2% 0. 0
Ba ,Ba504,BaC03
Be2+,BeF+,Be0H+,Be(0H)g,Be(0H);

4] -
H3I;03,B(0H)4
+ 0 0
Cd ,CdSOa,CdCO3

- + _2+ 0

F ,AIFZ,A]P ,AIF3
2+ 0 2-

Pb .PbC03,Pb(C03)2

Mn2+,Mn502

2-
a4

2+ . + a0
Ni ,N1HCO3,N1504

Mo0

Na®

2- L A0
SO4 ,t,aSO4

2-

2+ 9 0
Zn" ,Ins0,,2nC04,2n(C04),

,A}(OH);,Al(OH)g,Al(OH)‘

Sb(OH);
HZASOA,HAsaq

HCrog,Cro

2

2

4
+

0

Cu ,CuSO4

,Cu(OH)g

FeFZ*,Fe(ou);.re(on)g,re(OH);

0 0

0 .
Hglz,Hg(Oh)z,HQIOH

Se0
- 2-
H2VO4,HV04

10, SO

2 4 ct =10

= 10 M.

M, NO

so(oa)g

] -
H3A503,H2A503

3+

Cr ,CrFZ#,CrOH2

*.cr(0n)J.Cr(0H);
+ - Q
Cu ,CuClz,Cu(OH)2

2+ 0 -
Fe ,FeSOa,Fe(OH)4

Hg

HSeog,Seog',HSe'

2 + 0
105", V(OR),,V(OH)5

a guide, for details of stabi}ity fields of _different species, see text;
a+pH ragge 4 to
= 10 M, Mg M.
Pb, Mn) are redox sensitive, however extreme redox conditions, prevelant only

3= F =107, BrT s 17 =

in a limited number of cases, are required (e.g., at very reducing congitions {pe + pH < 4) S~ is the dominant

aqueous sulfur species and 52'

may form significant complexes with cations).

commonly observed in adsorption studies or in soils amended with wastes (such as

sewage sludge), where trace elements were present in relatively high concentrations.

Precipitation is a primary attenuation mechanism for Fe, Al, and Mn; these elements

form a variety of compounds which 1imit their concentrations in groundwaters to low

levels.
rials.

Crystalline and amorphous oxides of Fe are ubiquitous in geologic mate-

Although confirmatory studies are needed, the available data suggest that
formation of Fe containing solids [e.g., FeMoO4, NiFeZO4, Fe2(8e03)3] may be a
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Table S-2

SUMMARY OF IMPORTANT SOLUBILITY-CONT%Q ING SOLIDS
REPORTED IN THE LITERATURE‘?

Element : Observed/Predicted(b) speculated(¢)
Y A1(0H)3,KAT5(S0,) ,(OH)
A10HSO4, Kaolinite, Montmorillonite
As FeAs0Oq,AsS or As,Sq
Ba BaSO4
Be Be(OH)»
Cd CdCO3,Cd3(P04)2 (Ca,Cd)CO3
Cr Cr(0H)3 FeCr204
CUZ(OH)2C03
Fe Fe(OH)3,Fe3(OH)8,FeC03
Hg HgS v
Pb Pb(OH),,PbCO5,PD4(PO,),,PD,0(PO,),,
Mn : Mnc03,Mn-ox1des
M? P?M004 F?M004,Fe2(M004)3
Ni NiS N1Fe204
Se Fe2(5803)3
S CaSO4,A14(0H)10504~5H20,KA13(504)2(0H)6
v . Fep(V05),,VO(OH) - H,0
In Zn(QH)Z,ZnCO3,ZnS104 ZnFe204

(a) A1} solid phases are not expected in all environments, e.g. hydroxides and
carbonate solids are expected only under near neutral to alkline
conditions and sulfides (e.g., HgS, NiS) are expected only under very
reducing conditions; for details see text.

(b) Solids whose presence has been established through physical observations
of geologic materials or through similarities in ion activity products
with the solubility products.

(c) The formation and presence of Fe containing compounds is speculated
primarily based on adsorption experiments or observed association of other
elements with iron oxides.
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significant chemical attenuation mechanism for both cationic (e.g., Cr, Ni, In) and
anionic (As, Cr, Mo, Se, V) constituents-in diverse hydrochemical environments,
Under reducing conditions where $2- exists, precipitation of sulfides (e.g., NiS
PbS) is expected to be an important chemical attenuation mechanism,

bl

Because of expected low concentrations of trace elements in the utility waste
leachates, precipitation of solid solutions [(Cr, Fe)(OH)3, (Cd, Ca)C03] rather than
discrete solids may be of greater significance; Solid solutions generally have
lower solubilities than the discrete end member solid phases. However, quantitative
information on kinetics of precipitation and solubility products for these solid
solutions is unavailable.

ADSORPTION/DESORPTION

The review has shown that adsorption is a complex function of 1) the geologic matrix
and 2) the hydrogeochemical environment (Table 3). For many of the waste constitu-
ents, research consistently alludes to the importance of specific adsorption at low
trace element concentrations. Hydrous oxides of Al, Fe, and Mn, amorphous
aluminosilicates, and organic material appear as important specific adsorbents and
thus exist as coatings on clay sized materials in soil and subsoil and give rise to
the high adsorption capacity commonly observed for this size fraction. Layer
lattice silicates account for most of the cation exchange capacity. The above
adsorbents represent the most significant adsorption surfaces in geologic materials
underlying utility waste sites.

Hydrochemical conditions influence adsorption by: 1) controlling ion speciation,

2) providing ions that compete for adsorption sites, and 3) affecting the net
surface charge on amphoteric adsorbents (e.g., Fe and Mn oxides, amorphous alumino-
silicates) and affecting base saturation and exchangeable acidity of cation exchange
materials. Element speciation (Table 1) is controlled primarily by solution pH, EH,
and ion composition. Research indicates that for the most part, only uncomplexed
ions (e.g., Cd2+) rather than complexed ions (e.g., CdSO9, CdCO%) are adsorbed.
Thus, hydrochemical conditions in leachate or ground water which favor complexation
will reduce adsorption. Similarly, solution redox potential controls the valence of
redox sensitive elements. For some elements (e.g., Cr) different valence states
exhibit markedly different adsorption behavior. In addition to affecting solution
speciation of cations via complexation, major leachate anions (e.qg., SOE') may
compete for available adsorption sites with utility waste contaminants of similar
chemical behavior (e.qg., Se02-, Crog—), thus reducing the adsorption of each

5-5

K




Table S-3

SOME IMPORTANT FACTORS REPORTED IN LITERATURE THAT AFFECT ADSORPTION(a)

Geologic Matrix Hydrochemical Environment
Most Important Adsorbents Important Solution Variables
Fe- Mn- Amorphous Complexing Competing
Element Oxide Oxides Clays Aluminosilicates Org C PH Eh Ions Tons
Al X X X X X
" sb
As X XX X
Ba X X X
Be
B X X X X X
cd X X X X X
Cr X X X X X X X X
Cu X X X X X X X X
F X X X X X
Fe X X X X X X X
Pb X X X X X X
Mn X X X X X
Hg X X X X X X
Mo X X X
Ni X X X X X
Se X X X X X
Na X X
S04 X X X X X X
v
Zn X ' X X X

(a) X indicates reported in literature whereas blank space indicates no data.

individual constituent. Most specific adsorbents (e.g., Fe, Mn oxides, amorphous
aluminosilicates) have a pH-dependent surface charge. These constituents are
positively charged at pH values below their point of zero charge (PZC), and nega-
tively charged above; the PZC is a unique characteristic of each adsorbent. Thus,
decreasing groundwater pH increases positive charge and favors anion retention,

while increasing pH encourages cation adsorption.
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Though considerable descriptive and qualitative information is available for some
elements, this review has clearly shown that a capability does not exist to predict
quantitatively the adsorption behavior based upon mineralogy and groundwater compo-
sition. This lack of predictive capability stems from the unavaitability of 1) a
systematic understanding and generalized numerical approaach to integrate the
effects of critical hydrochemical parameters (Table 3) on adsorption, 2) methods to
quantify the contribution of individual adsorbents in a heterogeneous geologic
matrix, and 3) quantitative mechanistic adsorption data devoid of precipitation
effects. Many adsorption studies reported in the literature use high elemental
concentrations such that the adsorption results were complicated by precipitation of
solid phases. In spite of the shortcomings in available information, this review
has shown that useful generalizations and broad groupings of elements with similar
geochemical behavior can be made.

The cationic elements (Table 1) are adsorbed specifically and by ion exchange. With
the exception of Na and Ba, the specific adsorption process predominates for most
utility waste constituents at lower environmental concentrations (<10'5 M). Ion
exchange occurs when the specific adsorption capacity is exceeded. Sodium and
barium are retained primarily through ion exchange. The affinity of specifically
adsorbed cations for hydrous oxide decreases in the following order, Pb > Cu > Zn >
Ni > Cd. Some cationic elements, notably Cu and Hg, are strongly complexed by
particulate organic materials. The adsorption of most cationic e1éments increases
with an increase in pH. Increasing adsorption with pH results from hydrolysis of
the cations and decrease in positive charge of amphoteric adsorbents. Thus, the
cations are significantly more mobile under acidic than basic conditions.

Ligands (e.g., C17, 302', F7) that form stable aqueous complexes with cations (e.g.,
Pb2+, Cu2+, N12+, Cd2+, H92+) reduce free cation activity and hence element adsorp-
tion. Chloride complexes of Hg are most significant in this respect. The presence

2+, Na+) and specifically adsorbing ions (e.g., Cu, Zn, Cd)

of macro ions (e.g., Ca
in solution also tend to reduce adsorption through competition for cation exchange

sites and specific adsorption sites, respectively.

The oxyanions (M002‘, CrOz“, Se02', Se02’, AsO3‘, AsO%', SO%’) (Table 1) are
adsorbed specifically by mineralogic constituents which carry positive charge. The
adsorption of oxyanions is strongly pH dependent with maximum adsorption occurring
under acidic conditions where adsorbents that show amphoteric behavior {(iron and
aluminum oxides, amorphous aluminosilicates) are positively charged. The adsorp-

tivity of oxyanions decreases in the fo]]owihg general order As > Cr > Mo > Se =

S-7




SO4. Boron exhibits contrasting behavior and is most strongly adsorbed at higher pH
{8.5 to 10) by amorphous aluminosilicates, and Al and Fe oxides. Aqueous complexes

of oxyanions with cationic(macro elements (e.g., CaCrO4) may reduce specific adsorp-
tion of oxyanions because the complexes are weakly adsorbed. However, positively
; charged complexes [e.g., CaB(OH)X] may be retained-in subsoil by ion exchange. The
presence of high levels of 503- in leachates may decrease the adsorption of some
oxyanions (e.g., CFOZ‘, MOOE', SeO%‘, SeO%’) by strong competition for available
adsorption sites.

CONCLUSIONS

Based on this review of chemical attenuation mechanisms applicable to the utility
waste environmeht, the following general conclusions can be drawn,

'S Chemical attenuation mechanisms were judged to be more important
than biological attenuation mechanisms for a majority of the
% species.
' " Chemical mechanisms fall under two headings--precipitation/dissolu-

tion and adsorption/desorption. These mechanisms are affected by
many factors related to the geologic matrix and hydrochemical

: environment (e.g., pH, EH, complexing ligands, competing ions,
nature of adsorbents).

- Precipitation/dissolution, although recognized to be important, has
¢ not been adequately studied. However, available data suggest that:

A

--Precipitation is a primary attenuation mechanism for Fe, Al, and
Mn.

A

(s

Fel

--Solubility-controlling carbonate and hydroxide solid phases of
trace elements (e.g., Cd, Pb, Cr, Cu) have been observed in
alkaline conditions.

s,

--Formation of iron containing solids may be an important chemical
attenuation mechanism for both cationic (e.g., Cr, Ni, Zn) and
anionic {As, Cr, Mo, Se, V) elements.

--Precipitation of solid solutions [e.g., (Fe,Cr)(OH)3, (Ca,Cd)C03]
is expected to be a very important chemical attenuation
mechanmism.

--Reliable thermodynamic data are not available for several
important solid phases and aqueous species.

o Quantitative predictions of chemical attenuation rates based upon
mineralogy and groundwater composition cannot be made because only
descriptive and qualitative information are available for
adsorption/desorption mechanisms. From the available data we
conclude that: ' .

--0Only uncomplexed (e.g., cd2*) rather than complexed ions (e.g.,
€ds03, €dC0§) are adsorbed.

o 5-8
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--Hydrous oxides of Al, Fe, and Mn, amorphous aluminosilicates, and
organic carbon are important specific adsorbents.

--Aqueous species influence adsorption; anions such as F-, CrOE‘,
are a%sorbed strongly at low pH, while adsorption of cations
such as Cd2*+, cult increases with the increase in pH.

--For most elements, specific adsorption predominates at lower
environmental concentrations of elements (<1072 M).

--Competing ions and complexing ligands generally reduce adsorption,

--Quantitative mechan1st1c adsorption data devoid of precipitation
effects are not yet available,

S-9
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Section 1

INTRODUCTION

Duripg the generation of electricity, conventional ;oal-fired power plants produce
by-products requiring storage and disposal. These by-products (fly ash, bottom ash,
flue gas desulfurization (FGD) sludges, scrubber sludges) differ in their chemical
composition, primarily because of the chemical composition of the coal and processes

~used. Regardless of the chemical differences, virtually all of these wastes contain

water-soluble inorganic components of environmental concern. The percolates from
disposal utility wastes may contaminate surface and ground-water supplies. To
determine the potential for surface and groundwater pollution arising from waste
disposal at a given site, one needs to understand: 1) the waste characteristics and
environmental conditions as they influence leachate generation, and 2) the sub-
sequent interaction of the leachate with soils/geologic materials as these inter-
actions influence the rate of movement or attenuation of leachate constituents.
Primary physicochemical attenuation mechanisms include precipitation/dissolution,
adsorption/desorption, and microbiological activity. Although dispersion and dilu-
tion can also be important physical processes affecting constituent attenuation
during hydrologic.transport, this report discusses only chemical and biological

mechanisms.

Studies to evaluate attenuation of constituents on a site-specific basis would be
prohibitively expensive, particularly as the results for one site cannot be
reasonably extrapolated to other sites. Therefore, a more cost-effective approach,
where quantitative data can be used to develop a mechanistic understanding and
evaluation of attenuation processes of waste constituents, is needed. This mecha-
nistic understanding must include: 1) information on solubility-controlling solids
that may be present or form in the geologic environment, 2) kinetics of precipita-
tion/dissolution of solids, 3) accurate thermochemical data for important aqueous
and solid species, 4) a generalized numerical approach to integrate the effects of
critical hydrochemical parameters on adsorbtion, 5) methods to quantify the contri- -
bution of individual adsorbents in a heterogeneous matrix, and 6) quantitative

mechanistic adsorption data devoid of precipitation effects.
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Considerable quantitative data have been generated through studies with soils for
elements that are either of agronomic or industrial importahce. Many of these
elements are also important in fossil-fuel wastes. However, many of these studies
were: 1) not directed toward utility waste disposal, 2) narrow in focus (e.g.,
addressing a single soil or a narrow pH range), and 3) site specific. As a result,
a critical review of the available data is needed to identify useful information
applicable to quantifying geochemical behavior of elements (Tabte 1-1) that may be
presentvin leachates from utility wastes.

This report documents efforts to compile and critically evaluate existing data on
attenuation coefficients and constants applicable to utility waste leachate

Table 1-1
ELEMENTS FOR ATTENUATION LITERATURE REVIEW

Primary Species Redox

Element Symbo1l Cationic  Anionic Sensitive
Aluminum Al X
Antimony Sb X X
Arsenic As X X
Barium . Ba
Beryllium Be X
Boron B X
Cadmium Cd X
Chromium Cr X X X
Copper Cu X X
Fluoride F X
Iron Fe X X
Lead Pb X X
Manganese Mn X X
Mercury Hg X X
Molybdenum Mo X X
Nickel Ni X
Selenium Se X X
Sodium Na X
Sul fate S04 X X
Vanadium v X X X
Zinc Zn X

1-2




= wegres

R S R T R S RS

3

migration. A follow-on project (currently underway) will develop additionally
needed data identified through this critical review. Ultimately these projects will
provide EPRI and its member utilities with an improved understanding of the chemical
attenuation mechanisms controlling leachate migration.

This report is organized into sections and appendices. Section 2 addresses the pro-
cedures of compiling, reviewing, evaluating, and tabulating the useful data along
with the definitions of different constants. Sections 3 to 23 discuss elemental
behavior (Table 1-1). This discussion of elemental behavior includes a brief

£l
ng
e
G
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abstract, thermodynamic data-based predictions of the relative stability of solid
and aqueous species, observed or hypothesized solubility controls .in surficial geo-
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chemical environments and adsorption/desorption reactions in soils/subsoils and
sediments or on geologic materials. Certain subtleties of precipitation/dissolution
and adsorption/desorption mechanisms need to be understood to determine the mecha-

b nisms controlling solution concentrations. If the solid phase of an element is
present in the geologic material or if it can precipitate and if the rate of pre-
cipitation/dissolution is rapid, the solution concentration of this element will be
governed solely by the solubility of the solid phases even though adsorption/desorp-
tion reactions may be occurring. When more than one solid phase of an element can
precipitate or dissolve, the most soluble phase usually controls the solubility and
the resulting activity of the ionic species. In the absence of a solid phase,
adsorption/desorption reactions will control the solution concentrations. Adsorp-
tion constant data compi1ed during the course of this study are presented in

the text (Sections 3 through 23) whereas thermochemical data are presented in
Appendix A. Because only limited information on subsurface biological attenuation
is available, a short review of this mechanism is presented in Appendix B.
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Section 2

DESCRIPTION OF CHEMICAL ATTENUATION REACTIONS AND CONSTANTS

Chemical attenuation refers to chemical reactions occurring between leachate
constituents and geologic material that change the distribution and concentration of
the species in pore waters and hence their mobility. These reactions can be grouped
under two headings: precipitation/dissolution and adsorption/desorption. This
literature review was designed to provide an understanding of these chemical
attenuation mechanisms affecting leachate migration from utility wastes. To ensure

" that the compiled information was applicable to utility waste disposal issues,

research results from a number of sources were evaluated. These results included
thermodynamic data on elements pertinent to utility wastes as well as precipita-
tion/dissolution and adsorption/desorption reactions of these elements in geologic
materials. Discussed in this section are general and specific review procedures,
definitions and descriptions of attenuation constants, and an example to illustrate
the use of attenuation constants to predict equilibrium elemental concentrations in

pore water contacting geologic materials.

GENERAL REVIEW PROCEDURES

In reviewing the literature, procedures were established for compiling, reviewing,
evaluating and tabulating the data for both the thermodynamic data and the adsorp-
tion/desorption data. As outlined below, these procedures varied slightly depending
on the available information and the degree of detail. For example, criteria were
mainly applied to elements where large amounts of data exist. For those elements
where information is sparse, criteria were applied subjectively to eliminate data
which were totally unacceptable. In some cases, data which did not pass the evalua-
tion criteria were used to qualitatively assess element behavior and are cited in
the written element review. All articles and pub]fcations that reported adsorption
constants were tabulated, whereas in the case of thermodynamic data only one value

for a given reaction was finally selected and tabulated from all available values.
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THERMODYNAMIC EQUILIBRIUM CONSTANTS, DOMINANT AQUEOUS SPECIES, AND SOLUBILITY
CONTROLLING SOLID PHASES

For many of the utility waste contaminants, thermodynamic data are included in the
geochemical code MINTEQ* (Felmy et al. 1983), which uses the data base of WATEQ2
(Truesdell and Jones 1974, Ball et al. 1980). However, thermodynamic data for Be,
Cr, Hg, Mo, Sb, Se, and V are not currently included in the model. As-a result,
data for these elements were reviewed and selected from the available literature
(see Appendix A for tabulated data).

In selecting the approbkiate thermodynamic data the following procedure was used:

1) compilation of daté;fz) calculation of equilibrium constants, where needed,

3) selection of~pre1ihinary constants, 4) identification of important solid and
solution species, and 5) tabulation of finally selected values. Data were compiled
from major reviews** and recently published technical papers identified through a
computer search of chemical abstracts. Thermodynamic equilibrium constants were
tabulated from these references. . ' o

Equilibrium constants were calculated from several references such as Wagman et al:
{1968, 1969, 1971) and Parker et al. (1971) that quote standard Gibbs free energies
of formation (AG%) for different species. However, to ensure the internal con-
sistency of the thermodynamic data, AG? for ancillary specieé reported in Table 2-1
were used in these calculations. Most of these values are identical to those used
by Krupka and Jenne (1982) in the WATEQ3 code. The values of the thermodynamic
equilibrium constants (K°) (Eq. 2-1) were calculated from,AGg using Egs..2-2 and
2-3.

aX. + bY =cZ - . . ‘ : (2-1)

()2 (v)P

* MINTEQ is an equilibrium code and combines the best features of WATEQ4 and
MINEQL. It.has the capabilities of calculating 1) the saturation index of a
given solid, 2) aqueous speciation, 3) mass balance from precipitation/
dissolution reactions, and 4) the effect of adsorption reactions on aqueous
speciation.

** Such as Sillen and Martell (1964, 1976), Wagman et al. (1968, 1969, 1971),
Parker et al. (1971), Robie et al. (1978), Lindsay {1979), Smith and Martell
(1976), Naumov et al. (1974), Baes and Mesmer (1976).




Species

HZO(Q)
OH-
H+

Ag*
A13+
A1(OH)3(gibbsite)
Calt
Ci-

F-
Felt
Fe3+

HqS104°

K+

Mg+2
Mn+2

Na*
Si0,(am)
s0%"
uog*

Table 2-1

ANCILLARY DATA USED IN THIS STUDY

Q
AG¢ 298

(kcal/mol)

-56.690
-37.604
0

18.433
-116.9
-275.038
-132.30
-31.372
-67.34
-18.85
-1.1
-312.55°

-67.51
-108.7
-54.5
-62.593
-202.92
-177.97
-2217.7

Reference

CODATA (1976)
CODATA (1976)
Wagman et al. (1968)
Wagman et al. (1968)

‘Robie et al. (1978)

May et al. (1979)
Parker et al. (1971)
Wagman et al..(1968)
CODATA (1976)

Wagman et al. (1969)
Wagman et al. (1969)
AH:Robie et al. (1978)
S: Wagman et al. (1968)
CODATA (1976)

Parker et al. (1971)
Wagman et at. (1969)

Wagman et al. (1981)

Elgawhary and Lindsay (1972)
Wagman et al. (1968)
Fuger and QOetting (1976)

9Calculated from given reference and other data in this table

Btalculated by Krupka and Jenne (1982)

species.

0 = 0 .0
AGr,298 = XAGf products - XAGf reactants

where AG? is the standard free energy change of the reaction.

1nKO = [-3G9]/[RT]

2-3

where X, Y, Z represent different species and a, b, ¢ represent coefficients of
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where R is the gas constant (0.001987 Kcal/deg per mole) and T is the absolute
temperature, and at 25°C (T = 298.15 K) log KO = (—AG?)/1.364

Where values of equilibrium constants (K¢) were available at ionic strengths (u)
other than zero, equilibrium constant values at zero ionic strength (K®) were
calculated (Eq. 2-4) using the activity coefficients (yi) at 25°C calculated from
the Davies (1962) equation (Eq. 2-5)

log K° = log KE + [£1og y products] - [£log vy reactants] (2-4)

Tog v = -0.509 25 [w}/2/(1 + w}2) - 0.3,] (2-5)

where Z; is the valence of the ion.

A preliminary set of equilibrium constants were selected from these compilations.
However, it is difficult to determine whether the values are accurate from
observation alone. Therefore, several subjective criteria were used to select
appropriate constants. These criteria are listed below.

'y Values (from sources such as Wagman et al. 1968, 1969, 1971; Parker
et al. 1971; Smith and Martell 1976) were selected that recommend
single values based on their recent reviews.

° In cases of differing multiple values for a reaction, the most
recent values obtained with improved experimental techniques were
chosen.

. Where possible, data for a sequence of so]Tt%on species [e.g., five

fluorinated species of vanadium (V), VO F {n =1 to 5)] were

selected from a single source.

Based on the preliminary set of equilibrium constants, solid phase and solution spe-
cies diagrams were developed to ascertain the nature of dominant aqueous species and
potential solubility-controlling solids. For example, relative stability of solid
phases and sotution species of beryllijum are reported in Figures 7-1 and 7-2. 1In
the case of beryllium, hydroxo and fluoro complexes were the most important solution
species (Figure 7-2). Therefore, an attempt was made to review the literature for
these complexes and the selected values were reported (see Appendix A Table A-5).

The equilibrium reactions (Appendix A and the thermodynamic data in the geochemical

code MINTEQ) were used to construct the final diagrams reported in this publica-
tion. The method of construction of solid phase and solution species diagrams such
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as reported here have been discussed by Pourbaix (1966), Garrels and Christ (1965),
Rai and Lindsay (1975), Kittrick (1977), and Lindsay (1979). For example, to
determine the influence of Be2+ complexation by SO%‘ on the solubility of phenakite
(BeSi0,) in equilibrium with Si0,(am), different reactions (given in Table A-5 and
based on data in Table 2-1) were combined in the following manner and the log
(39502) (Eq. 2-7) then plotted as in Figure 7-2.

log K°
Be, 510, + 4" = 2Be?* + H,Si103 6.05
HqS104 = S10,(am) + 2H,0 2.74
28e%" + 2503 =28eS0Q 3.90
Be,S10, + 2505 + 4H* 55 2Bes0g + SiOy(am) + 2H,0 12.69 (2-6)

By setting the activity equal to one (by convention) for pure compounds
[Be,Si04, H,0, and Si0y(am)], the equilibrium constant (K°) for the reaction in
Eq. (2.6) becomes:

2-.2

ke = (Bes0)2/(s057)2(H")4

Taking logarithms of both sides and rearranging the equation results in
Equation (2.7)

109 (Besog)

1/2 1ogk® + log S0§” - 2pH

and at log SOE' = =3

log (BesS0})

3.37 - 2 pH (2-7)

Other reactions were similary plotted. For the solution species not reported in the
figures, either adequate data were not available to calculate their activity or the
species do not contribute significantly to the total concentration of element in
solution. In these diagrams, the solution species that have the highest activities
at a given pH are dominant. In the diagrams depicting relative solubility (e.g.
Figure 7-1), the solid phases that maintain lowest activity are the most stable (in
Figure 7-1 phenakite is the most stable solid).

2-5
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Aqueous species were calculated under conditions anticipated in the utility waste
environment. For most of the calculations, the assumed groundwater composition
included S05™ = €17 = 1073M, NO3 = F~ = 107, 8r" = 17 = 1075M, 0, = 1073:52 y*
=k = Ca2+ = 10'%M3 and M92+ = lo'fﬂ_with a range in pH and EH: Although the
species calculations reported in the text (Sections 3 through 23) were made using
the assumed groundwater composition, the thermodynamic data can be used to calculate

speciation under other conditions as well.

Redox reactions in this report are written in terms of an electron activity so as to
represent both chemical and electrochemical reactions by a single equilibrium
constant. The negative logarithm of electron activity {pe) is related to the redox
potential (EH in volts) by pe = 16.9 gh (Lindsay 1979). Therefore, the maximum
possible range in environmental redox potentials where water is stable is: pe
values from 0 to 20.78 at pH = 0 or pe + pH values from 0 to 20.78.

Al though the selected values for different solution complexes can be combined with
the solubility reactions of solid phases (e.g., Figure 7-2} to determine the
.equilibrium concentrations in different environments, these ca1cu1ations should only
be used as a guide in cases where validation of these pkedictions have not yet been
made. Precipitation/dissolution reactions in soils, especially for trace elements,
have not been extensively studied. The available data vary in quality. Some
studies identified solids and compared observed solubility products with the
available thermodynamic data to determine the solubility-controlling solids. Other
studies, where precipitation/dissolution was not the main objective, hypothesized
the presence of solubility-controlling solids. However, because of the 1imited
number of studies, all -of the available literature was reviewed and critiqued on
precipitation/dissolution attenuation mechanism.

ADSORPTION CONSTANTS

Adsorption is a widely recognized attenuation mechanism arising from the physico-
chemical interaction of ionic solutes with the surfaces of mineral constituents or
soil organic matter. This reaction reduces the mobility of the adsorbed solute
relative to the migrating water front. Adsorption may be specific or nonspecific.
Specific adsorption occurs when the solute interacts directly with the adsorbent
surface in the inner Helmholtz plane. Nonspecific adsorption occurs through
physical interaction of the solute with the absorbent (e.g., Van der Waals forces)
or through electrostatic retention as a counter jon in the diffuse double layer.
Data pertaining to both specific and nonspecific adsorption were reviewed. To
ensure that the compiled information was applicable to actual utility waste sites in
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different geologic terrains, investigations from a number of sources were included,
which evaluated adsorption/desorption- of inorganic waste constituents on surface
soils, subsoil, geologic materials, and model adsorbents (e.g., single minerals).
Adsorption from utility waste leachate, possibly in contact with subsurface
materials for long periods of time, may differ appreciably from short-term
adsorption studies -in inert electrolytes. Hence, the review also considered adsorp-
tion/desorption kinetics and the effects of solution characteristics (e.g., solu-
tion/solute matrix, competing and ‘complexing ions) on adsorption, so that the
adsorptive behavior of contaminants in the leachate could be clearly defined.

Based on a‘computerized search and.1iterature review, the genefé] cohteht of each
publication was summarized 1n tabular form according to attenuation constants, solid
and solution bhase characteristics, and ekperimental variables and procedures. This
tabular summary was then used to judge the merit pf the compiled literature.
Evaluation criteria were designed to énsure that the tabulated attenuation data were
experimentally defensible and acceptable for modeling purposes. The criteria were
directed at the degree of adsorbent characterization, degree of solution charac-
terization, and the adequacy of expeérimental procedures (Table 2-2). These criteria
were applied in various degrees of severity depending on the amount of available
literature. For example, criteria were mainly applied to elements where large
amounts of data exist (e.g., Cu, Cd). For those elements where information was
sparse, criteria were applied subjectively to eliminate data that were tota1]y
unacceptable. In some cases, data which did not pass the evaluation criteria were
used to qualitatively assess element behavior and are cited in the written element
review. All articles, publications, or reports passing the evaluation criteria were
considered defensible and their data tabulated (Sections 3 thFough 23). -

The compilation of attenuation constants derived from the critical review quantita-
tively describe the adsorption-of -utility waste constituents on specific soil. and
subsoil materials and mineral constituents. The tabulated information (Sections 3
through 23) represents an attenuation data base, which may be useful to qualita-
tively assess constituent migration in specific utility sites having similar.geo-
chemical/mineralogic characteristics. The attenuation data base, however, does not
allow for quantitative prediction of constituent migration rates based solely upon

knowledge of site subsurface mineralogy, chemistry, and leachate characteristics. °

Many technigues are used for analyzing adsorption data, calculating descriptive
constants, and modeling adsorption behavior. The most common adsorption models
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Table 2-2
ADSORPTION/DESORPTION EVALUATION CRITERIA

Evaluation Item ' Criteria

Adsorbent Mineralogical characterization
of soil or single adsorbent

Surface area?

Particle size?

Solution Phase  Equilibrium pH and Eh (soil pH and
Eh accepted)

Composition of solution phase

Experimental procedures Adsorbate concentration below
solubility levels

Temperature

Separated solution phase by filtra-
tion or high speed centrifugation

Aot required, but helpful

are: 1) distribution coefficients, 2} Langmuir isotherms, 3) Freundlich isotherms,
4) BET isotherms, and 5) surface complexation. The mathematical formulation of
these are described below. The nomenclature used below applies to the discussion of
each element as well as the constants tabulated in the text (Sections 3 through 23).

Distribution Coefficient

The distribution coefficient, Kgs is defined as the ratio of the guantity of the
adsorbate adsorbed per gram of solid to the amount of the adsorbate remaining in
solution at equilibrium. The mass action expression (Kd = §/C) is the common
definition of the Kd in terms of the reaction S + C=S, where S = the free or
unoccupied surface adsorption sites, C = the total dissolved adsorbate remaining in
solution at equilibrium, and S = adsorbate on the solid at equilibrium. Describing
the Kg in terms of thif simple reaction assumes that S is in great excess with
respect to C and that S = 1. However, K, is not an isotherm but rather a single
constant. It is valid only for the particular adsorbent used and applies only to
those aqueous chemical conditions (e.g., adsorbate concentration, solution/
electrolyte matrix) and the temperature under which it was measured.
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Langmuir Isotherm

The Langmuir isotherm is described by:

SETTVRT (2-8)

where
S = moles adsorbed at equilibrium per gram of solid
A_ = the maximum adsorption capacity of the solid
K_ = the Langmuir adsorption constant which can be related to the binding

' . L pec it v owibs o N
energy of the adsorbate (Yﬂﬁﬁ“‘WAQ e FRece oy o5 C )
. O

-

= total adsorbate concentration in solution at equilibrium. { ~etes /i

-
—

The above expression combines a mass action expression for the adsorption reaction
C + §'t;S, and a mass balance equation for surface sites, Ay = S + S, where 5
represents unoccupied surface sites. This expression assumes a finite number of
surface sites (i.e., imposition of a mass balance on surface sites), which distin-
guishes the Langmuir equation from the Kd and the Freundlich equation (see below).
Further, the Langmuir isotherm assumes that: 1) adsorption occurs on specific sites
with no electrostatic or chemical interactions between adsorbate ions; 2) all
adsorption sites are equivalent (i.e., for a given adsorbate the binding energy for
all surface sites is the same); 3) the ability of an adsorbate ion to bind to a
surface site is independent of whether or not the neighboring sites are occupied
[i.e., the binding energy is independent of the adsorption density (S)] and

4) maximum adsorption is Timited to mono-layer coverage of the surface sites, that
is, adsorption does not occur on the new surface layer formed by the adsorbate.

By rearranging Eq. {2-8) as described below, a plot of C/S versus C results in a
linear representation of adsorption data with a slope of l/Am and an intercept of
1/K A

C/S = 1/K A, + C/A, (2-9)

Greater accuracy is obtained in estimating the slope of the curve than in estimating
the intercept for reasonably low adsorbate concentrations used in most adsorption
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experiments. Thus, a more accurate estimate of Ay can be obtained from adsorption
data using Eq. (2-9) than other possible linearizations of Eq. (2-8) for which the

intercept is equal to AL or 1/Ag.

In many cases, adsorption data in soils deviate from the single-site Langmuir

Eqs. (2-8) or (2-9) above. Phosphate adsortion is an example of thié. To describe
these data, it has been postulated that either several energetically distinct sites
are present and that adsorption onto each of these sites is of type 'i' following
the Langmuir equation, or that two distinct mechanisms of adsorption occur on a

single set of sites.

For adsorbate/adsorbent combinations where multiple surface sites may be responsibl
for adsorption, the Langmuir equation can be generalized as follows:. .

v

(KL,f)(Am,'

1
S =1 - —
LT

)

C
C (2-10
The summation is over all possible sites 'i', where Ap.q is the maximum quantity of
the adsorbate on sites of type 'i', and KL,i is a constant which may be related to

15

the binding energy for adsorbent site of type 'i In the two-site case, . the total
adsorption can be treated as the sum of a high energy and a low energy component an
a plot of C/S versus C would consist of two straight line segments with different

slopes.

When several adsorbates (e.g.,-Cd2+, n*, HSeO3, and ASOZ') are present together i
solution, strongly binding species will compete for available surface sites. This
type of interaction always reduces the tendency for each individual ion to adsorb.

If the system obeys the Langmuir isotherm, adsorption of an ion 'j' in the

noncompetitive and competitive systems is given by:

(A j)(Cj)

_ m,J -
S T TE R G Fhn K C. (2-11
VAR
where
Sj = adsorption density of 'j'
A = maximum adsorption density of component 'j'

m,J



“and Kj = Langmuir binding constants for component "i° and 'j

K

Cj and Cj = equiljbrium concentrations of component "1’ and 'j' in
solution
ni = Am,j/Am,i-
The summation includes all competing adsorbates in the system. The factor 'n'
corrects for those adsorbates that may take up more space or occupy more sites
than others. Since n =1 for competing Species Qf'éimilar size, n is rarely
included in the above equapjon. However, it may be important when species of

differing size compete for the same sites.

Freundlich Isothérm

Literature on non-lLangmuirian adsorption behavior suggests that: 1) a nonuniformity
exists among the adsorption sites; and 2) the change in the free energy of

.adsorption (AG,4q) becomes less negative as the adsorption density (S) increases,

suggesting that the initial sites occupied are energetically the most favorable
sites. Indeed at higher S, complexation of adsorbate jons with surface sites is not
strictly analogous to complexation with dissolved ligands.

y
The Freundlich equation can be derived by assuming that the sites of a given energy
in the interval aGzyg = daG,qq are Langmuirian and that the probability that a site
has an adsorption energy in the interval AG,4. = daGa4s is exponential. However, no
physical basis exists for assuming this exponential probability distribution. The

isotherm can be written as:
s =k cl/n (2-12)

where K¢ and n-are constants, and n is typically greater than or equal to 1. For
dilute solutions n = 1, but as the adsorption density increases, n > 1. The range
of S for which n
according to the specific adsorbate/adsorbent pair (Benjamin and Leckie 1981). In

1 and the value of S for which n begins to increase differs

contrast to the Langmuir-type isotherm, the thermodynamic interpretation of the
Freundlich isotherm in Eq. (2-12) is that the adsorption energy varies with In(S).
This energy dependence is not unique, however, since it depends upon the assumed

probability distribution.

It should be noted emphatically that the empirical observation that a given set of
adsorption data can be fitted to a Langmuir or a Freundlich equation does not

necessarily establish a constant or logarithmic dependence of adsorption on
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adsorption density S. A fit to the Freundlich equation, however, may be interpreted
as evidence for inhomogeneity among surface adsorption sites, or possibly surface

interaction between adsorbed species.

BET Isotherm

The BET isotherm describes multi-layer Langmuirian adsorption (Brunauer et al.
1938). Multi-layer adsorption typically results from physical or van der Waals
bonding of gases or vapors to solids. The BET isotherm has also been applied to
adsorption from soil solution. The adsorption of molecules to the surface of '
particles forms a new surface layer to which additional molecules adsorb. If it is
assumed that the energy of adsorption on all successive layers is equal, the BET

equation is,

K
- CJ {1

c
g - 1 [C7TT1

<+ O

s = (2-13)

A
m
T, TK

where Ay = the maximum adsorption density of the first layer, Kg = a constant
related to the adsorption energy, and Cg = the concentration of the adsorbate at
saturation. The BET equation reduces to the Langmuir equation if Kg >> 1 and

C/Cg << 1. The BET isotherm differs from the Freundlich and Langmuir isotherms in
the~assumed location of the sites and the creation of new sites with the occupation
of each existing site. The BET equation has received extensive application for the

determination of the surface area of solids from gas adsorption data.

Surface Complexation Models

Surface complexaton models describe adsorption in a.more detailed fashion than
adsorption isotherms. The surface is treated as an array‘of hydroxyl groups
designated as XOH, where X represents structural Si, Fe, Ti, Al, Mn or other atomé
at the solid-liquid interface (Figure 2-1). These hydroxyl groups or adsorption
"sites" can be treated as ligands which: 1) have specific acid/base characteris-
tics, and 2) form complexes with electrolyte or metal ions or other ion pairs in
solution. The same set of assumptions made above for the Langmuir isotherm are
assumed to apply to surface complexation models. Adsorption reactions {i.e., the
coordination of these solute ions with surface hydroxyl groups) are treated by
analogy with complexation in bulk solution. Thus, for an assumed stoichiometry of
reaction, an association (adsorption) constant can be used to describe the

adsorption reaction.
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Figure 2-1. Schematic representation of charge
distribution and adsorbed species

A fundamental difference between adsorption reactions at the solid-solution inter-
face and aqueous coordination reactions in bulk solution, is that 'a variable
electrostatic interaction energy exists between the charged adsorbing ion and the
surface charge on the solid (Figure 2-1). A difference in chemical potential of the
charged ion develops near the surface due to the electrostatic potential, w,
produced by the surface charge, o. Because of these nonideal interactions, the

activities of ions approaching the surface are modified by the energy required to
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bring them from the bulk solution to a specific adsorption plane within the electric
double layer. The ion activities near the surface [(Ion)S] are related to the
activities in bulk solution [(Ion),, 1] by the following equation:

(Ion)S = (lon)y 1k [exp(-ZFy/RT)] : (2-14)

where Z is the positive or negative charge of the ion, F is the Faraday constant, R
15 the gas constant, T is temperature in Kelvin, and ¢ is the electrostatic poten-
tial on the surface or at the designated adsorption plane within the double layer.
Westall and Hohl (1980) have described several surface complexation models (constént
capacitance, VSC-VSP, and triple layer) and their relation to one another. The
major differences between these models are: 1) the set of surface species con-
sidered (e.g., whether surface-electrolyte species are considered); and 2) the
description of the electric double layer (i.e., the definition and assignment of
ions to "mean" planes of adsorption within the dohb]e layer as in Figure 2-1).

As an example, the relevant constants for the triple layer model will be defined for
the case where adsorption occurs from a solution containing NaCl as the major elec-
trolyte and Cd2+ and SOZ' ions as the dilute adsorbates. Surface ligands consist of
a single amphoteric surface site, XOH. The triple layer model treats the solid-
solution interface as being composed of two constant capacitance layers bounded by a
diffuse layer (Figure 2-1). Specifically adsorbed H" and OH™ ions are located in
the surface '0' plane and contribute to the surface charge o,, and experience an
electrostatic potential, y,. Electrolyte ions and dilute adsorbate ions are located
in the 'D' or inner Helmholtz plane and are bound pairwise to oppositely charged
surface sites by both a specific chemical and an electrostatic energy. These ions
contribute to the charge, Ty and are subject to an electrostatic potential, V.

The outer Helmholtz plane or the 'd' plane is the inner boundary of the diffuse

region of nonspecifically bound counterions. Regions of constant capacitance, Cl.

and C2, separate the 'o' and 'b' planes and the 'b' and 'd' planes, respectively.
The surface hydrolysis and complexation reactions and the associated intrinsic
equilibrium constants for the surface species shown in Figure 2-1 are given in

Table 2-3. The subscript 's' used on ions (e.g., H;, in the reactions in Table 2-3)
represents an iton in the electric double layer rather than in bulk solution and is
explicitly defined by Eq. (2-14). The complexation reactions are written in terms
of deprotonated and protonated surface sites. K;nt and K;”t are the first and

second surface acidity constants and the other Kl t are the intrinsic adsorption
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Table 2-3

TRIPLE LAYER MODEL REACTIONS AND INTRINSIC :
EQUILIBIRUM CONSTANTS FOR SURFACE SPECIES SHOWN IN FIGURE 2-1

Intrinsic.
Reactions* Constants’ - -

Surface Hydrolysis

X0 = XoH + H K;';t

XOH % X0 + H. K;gt
Cation Complexation

X0™ + Naf = (X0 Na')° ~ Kot

X0~ + cd?* = (x0™ ca?*)* kot

X0™ + Cd2* + H,0 = (X0 CAOHT)O + HY kAot
Anion Complexation

XOHy + C15 = (XoHy €17)0 kint

XOHS + (S05) ¢ = (XOH} soﬁ')‘ K%Bf

*The activity of surface species (species with subscript
s) are related to the activitiei of these species in bulk
solution by Equation (2-14). H_ species exist at plane o
that has potential Vs while alT others exist at plane b
that has potential 178 {Figure 2-1).

TRe]ationship of K1nt to the products and reactants is
shown through the following example

Jnt | (X0 8% (x0” Na')°
Na ~ + - - ¥
(Na)(X0 ) (X0 )(Na J[exp(-Fy,/RT)]

= KNa[exp(wa/RT)]
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constants for cation or anion "X". The exponential term is the Boltzman factor,

Eq. (2-14), and accounts for electrostatic and activity effects. The K, are the
mass action expressions for individual reactions, e.q.,

_ [x07cdoH' 1 (')
(X071 (cd®*)

¢ o Dot

i (2-15
3 [XOHE] :

Kcdo

Activity coefficients for surface species are, by convention, set equal to one.
Thus [ ] represents the concentration of surface species XOH, X0~, and XOH§ in mole
per liter, and ( ) represents the activity of an ion in the bulk solution.

A particular set of surface species (Figure 2-1) is justified when predictions base
on these equations describe the experimental data (e.g., the pH adsorption edge).
It should be noted that the selection of surface species and hence the stoichiometr
of complexation reactions which describe the data, depend upon which model of the

electrical double layer is used.

The triple layer model, which has been described above, consists of: 1) the set of
reactions describing complexation of solution species (electrolyte and adsorbate)
with the surface; 2) a surface-site mass-balance equation for [XOH]totl and 3) sur-
face-charge balance equations. This set of simultaneous equations is iteratively
solved to obtain a self-consistent set of surface and solution species. For this
example the quantity of Cd adsorbed, Sg¢y» is calculated by summing the concentra-
tions of the Cd surface species,

Scq = ([X0™-Cd2*] + [X0--CdOH*])/M (2-16
where M is the grams of solid per liter of solution.

In summary, the triple layer model requires a set of constants to define the inter-
actions of electroyte and adsorbate ions with amphoteric surface hydroxyl sites:
Kg?E KASG K&Qt, Kg?t, Kégt, K686H, Kgaz, and capacitances C1 and C2 as parameters
characterizing the properties of the electric double Jayer. In addition, measure-
ments are needed of the specific surface area, S(mz/g), and thé surface hydroxyi
site density, Ns(sites/nmz), of the solid. Although the triple layer model require
more constants than isotherm equations, these constants, unlike those parameterizin
isotherm equations, apply over a range of electrolyte concentrations (10’4 to 1 M),

pH (4 to 10) and dilute adsorbate (e.g., Cd) concentrations.
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A limitation of the triple layer model and surface complexation models as presently
formulated is their assumption of Langmuirian adsorption behavior. Experimentally
all surface sites are not energetically equal and AGads is dependent on S. As a
direct consequence of the Langmuirian assumption, the intrinsic constants are
observed to decrease in value when the surface adsorption density, S, exceeds a
critical value SCR‘ This critical value, SCR’ depends upon the combination of
adsorbate and adsorbent (Benjamin and Leckie 1981). The functional dependence of
Kint on S can be experimentally determined and incorporated into the triple layer
model description of adsorption. Finally, it should be stated that surface com-
plexation models and in particular the triple layer model can be easily generalized
to describe multiple surface sites, SOH, TOH, etc., by including an appropriate set
of reactions describing the complexation of these sites with solution species.

USE OF ATTENUATION CONSTANTS TO PREDICT PORE WATER CONCENTRATIONS - AN EXAMPLE

A simple example is discussed below to illustrate the use of attenuation constants
and their importance in reducing the mobility of solute.in utility waste leachate.
In this example, 538 liters (L) of acidic utility waste leachate containing 10'6
moles per liter (M) a2t is assumed to infiltrate into and saturate one cubic meter
of subsoil. The leachate and subsoil characteristics along with other assuhptions
are given in Fig. 2-2. Sample calculation will then predict the solution concentra-
tion of Cd?*
material. Both adsorption and precipitation reactions will be considered.

in the pore waters after the leachate has equilibrated with the subsoil

Adsorption Reactions Alone

In this example we assume that the teachate instantaneously equilibrates with the
subsoil and that the Cd2+ adsorption follows Langmuirian behavior. The mathematical
derivation of the Langmuir isotherm assumes that a fixed concentration of adsorption
sites exist (ST), which defines a maximum adsorption capacity (Am). " The adsorption
reaction may be written in-a fashion analagous to a soluticn complexation reaction,
i.e.,

S+ cd?* = 3T " (2-17)

where'gg is unoccupied surface adsorption sites, cd2t the solution activity of
cadmium, and SCd the adsorption sites occupied by Cd. An equilibrium constant for
Eq. (2-17) is defined in Eq. (2-18).




— VOLUME =538 L

= —— —] pH=6.0
Cd24 — 10—6 '\_A

VOLUME =1 m?®

% POROSITY = 53.8

pH=8

CO: (gas} = 107%°2 ATMOSPHERES
BULK DENSITY = 1.2 g/cm’®
PARTICLE DENSITY = 2.6 g/cm’®

Figure 2-2. Schematic showing characteristics of leachate and subsoil.
Additional assumptions include: activity coefficient of one, no
complexation, no competing ion effects, adsorption constant values

(KL = 0.631 L/uM,+Am = 5.6 wM/g) and precipitation/dissolution constant
_value (CdCO3 + 2H Cde* COy(g) + Hp0 log K = 4.41) taken from Singh
(1979) (Table 9-1) and Ball et al. (1980),.respectively.

(- (T0) (21

(5 (cd®)

Taking the difference between the total sites (ST) and the occupied sites gives th
unoccupied surface adsorption sites (Eg. 2-19).

S¢ = 51 - SCd (2-1

Substituting Eq. (2-19) in Eq. (2-18) and solving for SCd leads to Eq. (2-20)

. Ks, 2t
504 =

(Cd™ )

1+ K (Cd?)

Equation (2-20) is the common form of the Langmuir equation where K is the Langmui

adsorption constant (K| ) and St is the Langmuir adsorption maximum (Ag).
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Calculating the aqueous Cd concentration in equilibrium with subsoil using the
Langmuir Eq. (2-20) requires solution of a mass balance equation:

Cr = Cs + Cads - QL (2-21)

where CT is total moles of Cd added to the subsoil as a leachate, Cg is total moles
of Cd in solution at equilibrium, Cp4s is total moles of Cd adsorbed by subsoil, and
CL is moles of Cd lost from the subsoil through water mass flow (water flow is
assumed not to occur from the subsoil in this example, thus C; = Q)

Equation (2-21) can now be expressed on a concentration basis:
CoVp = CoVp + SCd W (2-22)

where Co is the initial leachate concentration in uM, Vi is the volume of leachate
in liters, C, is the equilibrium solution concentration of cdZt in uM, Vo is the
volume of total pore water in the subsoil in lite.s, SCd is the adsorbed Cd
concentration in uM/g, and W is dry mass of the subsoil in grams (g). The Langmuir
Eq. (2-20) can now be substituted for 'SCd in Eq. (2-22) which yields

KA C
CV, =CV, +W m €

0’1 = GV T+ K, (2-23)

A1l the parameters in Eq. (2-23) except Cq are known (Fig. 2-2). This equation can
be rearranged into a polynomial (Eq. 2-24) and solved for C,, the equilibrium
concentration of Cy (uM) in pore water.

CoZKVy + Co(WKAp - CoVp K + Vo) = CoVp = O (2-24)
The predicted equilibrium Cd concentration thus calculated was found to be 2.74 «x

10-4 uM or 2.74 x 10-10 M. Chemical attenuation through adsorption alone,
therefore, reduced the Cd concentration from 10-6 M to 2.74 x 10-10 p,

Resubstituting this value of Ce back into Eq. (2-20) allows calculation of the

percent saturation of the adsorption sites (SCd/Am), which in this case is extremely
Tow (0.017%). Thus, the subsoil will continue strong adsorption of Cd until an
adsorption density of 50% has been attained.

The subsoil used in this example had a fairly high Ay and K . [If the Ay and K| of
this subsoil were lower, the predicted Cd concentration would proportionally be

higher,
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Precipitation Alone

When considering only precipitation, we assume that octavite (CdC03) precipitated as
a result of an increase in pH of the leachate from 6.0 to 8.0 due to its interaction
with subsoil. Using the precipitation/dissolution reaction of CdC03 Eq. (2-25),
which may be termed an attenuation, we can calculate the maximum equilibrium
concentration of cd?* that will be present in subsoil pore water.

Cdco, + ot = cda?t 4 CO,(g) + H,0 log K = 4.41 (2-25)

€0,(g))

( |
K . (2-26)

_ (cd®)
(H")

Field observations indicate that the CO, pressure'in soil and subsoil pore space is
enriched relative to atmospheric concentrations. Therefore, for the purpose of this
example C0, concentrations 10 times higher than that of the atmosphere were used.

Using the given subsoil values (Fig. 2-2) of B, C0,(g), and K, the equilibrium cd?t

activity was calculated from Eq. (2-26) and was found to be 1079-97 M.

Combination of Precipitation and Adsorption

Assuming precipitation kinetics are rapid and that CdCO5 precipitation occurs in a

top few cm of subsoil, the Cd2+

concentration in the pore water of the rest of the
subsoil can be calculated from Eq. (2-24) using the adsorption constants and other
values given in Figure 2-2. Additionally, it is assumed that the subsoil {below the
few top cm) is saturated with water with initial concentration of 10'9’07 ﬂ_Cd2+
(see 'Precipitation Alone' above). Solving Eq. (2-24) yields a predicted
equilibrium concentration (C,) of 2.32 x 1077 uM or 2.32 x 10713 M. Thus, the
combined effects of precipitation and adsorption markedly reduced or attenuated the

concentration of Cd2+ 6 M to 2.32 x 10'13 M.

in the leachate from 10~

General Conclusions

The example calculations illustrate the use of selected attenuation constants (solu-
bility products, Langmuir adsorption constants) in calculation of subsurface
attenuation. Clearly, the calculations are simplified. However, they do illustrate
the use and importance of the information which is reviewed and compiled in this

2+

report. The initial Cd™ concentration (-10'6 M) of leachate used in the above

example was approximatly 11 times higher than proposed (Environmental Protection
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=706 M). Consideration of

Agency 1980) drinking water concentration limit (10
adsorption or precipitation alone, or the combination of both mechanisms reduced

Cd2+ concentration in pore water to several orders of magnitude below the drinking

~water 1imit. The predicted concentrations in the subsoil have 1ittle quantitative

value but do show the potentially large attenuation capacity of some subsoils. As
described in detail in the report, subsoils of differing chemical and mineralogic
content vary appreciably in their attenuation capacity. Attenuation is also
dependent upon the chemical form (e.g., cationic, anionic) of the utility waste
constituents. Additionally, chemical interaction with other solutes present in
leachate or ground water (e.g., complexation) serves to increase the solubility of
solid phases and reduce adsorption. These and other attenuation factors must be

" considered to accurately estimate element mobility. Chemical attenuation processes

need to be combined with hydrologic transport processes to predict solution

‘concentration as a function of time and location in subsurface environments. This

combination requires the use of geohydrochemical codes. EPRI is currently funding
research efforts to develop such codes along with the necessary data bases.
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Section 3

ALUMINUM

Aluminum (A1) exhibits complex and varied geochemical behavior in soils, subsoils
and ground water. Certain anions (e.g., SOZ', F=) form strong aqueous compliexes
with Al which may dominate solution speciation at higher ligand concentrations.

Al hydrolyzes readily at pH values >5. The activity of A13* in soil and ground
waters is controlled primarily by precipitation/dissolution reactions. Gibbsite
[A](OH)3(C)] appears as a common crystalline solubility control in many geochemical
environments, while alunite and basaluminite are important at lower pH and higher
SOZ' concentrations. Ion exchange is an impbrtant retention mechanism in acid-
to-neutral pH regimes. The buildup of exchangeable Al leads to soil acidity.
Exchangeable Al on layer lattice silicates may hydrolyze, creating stable interlayer
polymers that reduce cation exchange capacity. Aluminum competes strongly for

cation exchange sites with Ca and other cations,

RELATIVE STABILITY OF SOLID AND AQUEOQUS SPECLES.

Aluminum exhibits only a +3 valence state in its compounds and solutions. In
addition to oxides and hydroxides, aluminum forms aluminosilicates. In 502'

rich environments, it forms sulfate minerals such as alunite tKAl3(SO4)2(0H)6] and
basaluminite [Al14(0H)10S04°5H20]. A1(OH)3(am) has fast precipitation kinetics and
is the most soluble form of aluminum hydroxide (Lindsay 1979). A1(0H)5(am) slowly
transforms to crystalline forms that have lower solubility. Most of the alumino-
silicate clays such as kaolinite and montmorillonite are more stable than the

crystalline aluminum hydroxides (Lindsay 1979).

Because gibbsite is one of the most stable hydroxides and is identified in many
soils and sediments, it is generally used to estimate A3+ activities. Thus, to
determine the relative abundance of A13* species in ground waters representative of
leachates, activities of different A13* species in equilibrium with gibbsite were
plotted (Figure 3-1) using the thermodynamic data (Ball et al. 1980) contained in
the geochemical model MINTEQ (Felmy et al. 1983). Under the assumed conditions
(Figure 3-1), sulfate makes strong complexes with A13* such that the predominant
aqueous species of Al at pH values <5 are A13+ and AISOZ. Although the F~ complexes
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Figure 3-1. Activities of different aluminum species

in equilibrium with gibbsite [A1(OH)3] when 502' =
3

1077 M.
of A13* are not plotted, fluoro complexes of A3+ are very strong, The F~ activity
in soils ranges from 10-% to 10-10 (Lindsay 1979). When the F~ activity is set at
10'7, AF2* will roughly contribute 33% to the total Al activity. At F- activities
<10-7, fluoro complexes of Al will contribute insignificantly to total Al
activity. At pH values >5, different hydroxy complexes of Al [AI(OH)E, A](OH)%,
A1(0H)z] will be dominant.

PRECIPITATION/DISSOLUTION

The activity of A3t in soil, sediment, and ground waters are primarily controlled
by precipitation/dissolution reactions. Many Al solids have been identified in
soils. Thermodynamic predictions (Lindsay 1979) as well as tHe solubility of
kaolinite and montmorillonite (Kittrick 1977) show thatAthese ctay minerals and
gibbsite are among the most stable Al minerals in most environments. At relatively
lTow pH values (<4) and high sulfate activities (>10‘3), aluminosulfate minerals such
as alunite and basaluminite are more stable than gibbsite (Lindsay 1979) and have

been identified as forming in soils and sediments (Adams and Rawajfih 1977, Singh
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and Brydon 1969). Hsu (1977) states that among the three polymorphs of aluminum
hydroxides, only gibbsite is common in soils and bauxite.* Among the ten soil
classification orders, gibbsite has been reported to be a major mineral in oxisols
and some inceptisols; it is a common, but a minor component in ultisols (Hsu 1977).
Whether gibbsite or aluminosilicate clays control Al activities in soils depends on
the weathering environment.

ADSORPTION/DESORPTION

The adsorption of Al by soils and soil clays has been the subject of considerable

study in the agronomic literature because of its importance in soil acidity and

£ Al toxicity in acid soils. Aluminum exhibits complex solution chemistry, with
hydrolysis and polymerization occurring at pH values in excess of 5§ (Figure 3-1,
Chakravarti and Talibudeen 1961, Richburg and Adams 1970). The hydrolysis behavior
of Al strongly influences the adsorption chemistry. To a large extent, Al
adsorption is governed by complexation with organic matter (Kerndorff and Schnitzer
1980; Wada and Gunjigake 1979) or exchange on soil clays (e.g., Coulter 1969a);

: however, l1imited specific adsorption by hydrous oxides or amorphous aluminosilicates
i may occur below pH 5 (Table 3-1).

The main constituent of soil acidity appears to be exchangeable and nonexchangeable
Al on soil cation exchange sites, principally those associated with layer lattice
silicates {Coulter 1969b; Bache 1974; Jackson 1963; Coleman and Thomas 1967).
Acidity is generated by surface hydrolysis and polymerization of adsorbed A]3+ or
solution hydrolysis of A13+ liberated by ion exchange (Bache 1974, Coleman and
Thomas 1967). Accounts of intercalation of 2:1 phyllosilicates in acid soils by

Al {0OH) polymers are numerous (e.g., Rich 1960, 1968; Klages and White 1957). These
nonexchangeable interlayer materials form from surface hydrolysis/condensation of
exchangeable Al or adsorbed hydrolysis species. The resulting polymers reduce
cation exchange by masking sites of permanent negative charge.

; Cation exchange reactions of Al in soil are affected by solution pH, by distribution
of exchangeable cations in solution and on the exchange surface, and by degree of

Al solution hydrolysis. As measured by selectivity coefficients and Langmuir con-
stants, Al is more strongly bound than Ca to cation exchange sites of layer lattice
silicates and soil (McBride and Bloom 1977, Kozak and Huang 1971, Pleysier et al.
1979). In contrast, K may be selectively adsorbed over Al in soil (Pleysier et al.

*Hsu (1977) has done an excellent review on the occurrence of gibbsite and the
hydroxides and oxyhydroxides in soils and sediments.
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1979, Coulter 1969b). Hydrolyzed forms of Al compete effectively with K for
exchange sites on montmorillonite but are hindered in vermiculite {Somasiri and
Huang 1974). This phenomenon is related to the degree of expansibility of the clay
mineral as well as to the charge and size of the Al-hydrous ions. As noted with
other hydrolyzeable cationic metals (e.g., Cu, Pb, In), hydrolyzed species of Al are
more readily adsorbed by Si than by the free ion (A13*) (Hahn and Stumm 1968).
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Table 3-1. ADSORPTION CONSTANTS FOR ALUMINUM

Adsorbent Adsorbate Etectrolyte Adsorptlon Measurement References
CEC S.A.
(a) 2 (b) (c)
ldent ity meq/100g m/q Conc., M ldentlty Conc., M pH Constants Value
Ciay Mlnerals
Montmortllontte,
untreated - - 0 - 0,002 - - 4,0 Am, KL (660-720, 5.8-6,1) McBride and Bloom 1977
Ca-saturated - - 0 - 0,002 CaCI2 0,01 4,0 Am’ KL (890, 4.7)
Na-saturated - - 0.01 KCH 0.03 3,6 A, K;:I 320, 14 Somas!ir! and Huang 1974
4.0 480, 24
4.1 660, 42
4.2 800, 62
4.4 930, 150
5.4 960, 160
Yermlcullte Al
w Na-saturated - - 0,01 KCt 0.03 3.4 A, KK 420, 10
i
on 4.0 600, 12
4,2 590, 7.2
4.4 650, 7.4
5.4 430, 1.5
Si11ca - 205 10767 - 10°-% - 5.00 A, K 100, 4.6 Hahn and Stumm 1968
5.25 560, 4.8
Soll £ Clay £ 0.C.
10 5.6 - - - caCl, 0.01 - Kb 330 Bache 1974
Al
3 21 - - - CaCl 0.01 - K 3900
2 Ca
Al
13 3.1 - - - CaCl, 0,01 - KCa 250
Al
1 0.3 - - - CaCl, 0.01 - KCa 1700
Al
3 0.8 - - - CaCl 2 0,0t - KCa 3900
8 5.3 Al
. - - - CaClz 0.01 - KCa 86
Al
24 1.1 - - - CaCI2 0,01 - KCa 120
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Table 3-1 (Contd).

Adsorbent
CEC 52A .
Ident ity ‘) meq/100g  m/q
—_—y

Soll % Clay % 0.cC.
19 1.0 - -
10 0.4 - -
2 0.9 - -
Peat - - - -

Sol! _Depth % Clay % 0.C.

0-20 em 14 [ B} 3.26 -
20-40 22 0.69 3.34 -
40-60 26 0.55 3,14 -
60-80 26 0,41 2,93 -
80-100 26 0.32 2,88 -
—_—
(a) O.C, = organlc carbon -
(b) A = Langmyir adsorption meximum, ymol g

KL = Langmuir consfanf,‘log M-
A = adsorption, pmol g
A
KMl = selectlvlity coefflclent
-1
AG:\: = free energy of exchange, kcal eq

(c) ) = ostimted values

Adsorbate
- Cone,, M
1072 - 1073
107> - 1075
107° - 173
107 - 1073
1072 - 1973

ADSORPTION CONSTANTS FOR ALUMINUM

Eloctrotyte Adsorption Measurement

ldenﬂ?x Conc., M pH

Al
cacl,, 0.01 Kh! 350
_ Al
cac,, 0.01 KAl 2.7
Al
cact, 0.0 - K 0.13
Al
cact,, 0.01 KA 18
Ie1” Solf,
KCI, CaCl 0.01 4.80 gk psoCa 2,69, -2,04
2 At By,
oK oCa R
KC1, caCl, 0,01 4,90 po3K, g 2,15, -2.18
oK oCa
KCI, CaCl, 0,01 85 M0, a6 2,01, -1.66
oK oCa -
KCI, CaCl,  0.01 520 aoy, m6 2,03, -2.01
oK oCa
KC1, caCl, 0.0 505 m0R), 6 2,09, -1,3

Consfanfs(b) Value(C)

References
—_ojerences

Pleysler et al, 1979



Section 4

ANTIMONY

Antimony (Sb) is a multivalent element. with Sb(III) species [Sb(OH)g] dominant under
reducing conditions and Sb(V) species [Sb(OH)g] dominant under oxidizing conditions.
Antimony (V) forms several polynuclear species in aqueous solutions; these species
contribute significantly to the total Sb only at high Sb concentrations (>10'?ﬂ).
A1l of the known Sb compounds are very soluble; therefore, Sb concentrations are not
expected to be solubility limited. Very little is known about adsorption/desorption
behavior of Sb. Because of its anionic character under oxidizing conditions,
adsorption by hydrous oxides at low pH values may be significant.

RELATIVE STABILITY OF SOLID AND AQUEQUS SPECIES

Antimony, a multivalent element, exhibits -3, 0, +3, and +5 valence states.
Antimony {III) and (V) are the stable oxidation states in aqueous solutions. Most
of the Sb(V) compounds are very soluble and Sb in nature primarily occurs as szs3
or Sb,04 (Baes and Mesmer 1976). Thermodynamic data (see Appendix A, Table A-1)
were used to predict the geochemical behavior of Sb. Figure 4-1 illustrates the
dominant aqueous species for the Sb-H,0 system. The Sb(V) species .[Sb(OH)g] is
predominant in oxidizing environments (pe + pH 2 11.4) and at pH values >2.8. The
Sb(I1I1) species [Sb(OH)g] is predominant in relatively reducing environments (pe +
pH < 11.4) at pH values between 1.5 and 11.2.

The distribution of Sb aqueous species in equilibrium with Sb,03 (cubic) is illus-
trated in Figure 4-2. As expected, Sb(OH)% is the predominant hydrolysis species at
low redox potentials with Sb(OH)g becoming increasingly important at high redox
potentials. The species szsg‘ will be important in reducing environments if the
total sulfide concentration exceeds 10'6’O M. Figure 4-2 also shows that the con-
centration of Sb in equilibrium with Sb,03 will be a function of pH and Eh and will
always be equal to or greater than 10'4'2_m.

Figures 4-3 and 4-4 show the distribution of Sb(V) species as a function of pH. The
only known Sb(V) solid phase, szos(c), is highly soluble. Therefore, various total

concentrations of Sb were examined. At 0.001 M total Sb, Sb(OH)% and Sb(OH)é are
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Figure 4-1. pe-pH diagram for Sb-H20 system,
at 25°C. The outlined regions indicate the
conditions under which the given Sb solution
species is predominant.

the dominant species with the polynuclear species SblZ(OH)gi and SblZ(OH)gg present
in very small quantities, The Sb(III) species [Sb(OH)g, SbZSZ‘, Sb(OH)&] will be
unimportant except in reducing environments. As with all polynuclear complexes, the
importance of the SblZ(OH)x species increases as the total Sb increases. In

Figure 4-4, the Sblz(OH)gi species is dominant near pH 2 when total Sb is 0.01 M.

It should be noted that at low pH, even though the concentration of Sb(OH)g is
slightly higher than SblZ(OH)gi’ the Sblz(OH)ga actually contains a far greater
fraction of the total antimony because of the 12 Sb atoms per molecule of

polynuclear complex.,

Even though fairly high Sb concentrations were selected for Figures 4-3 and 4-4, the
solubility products of known Sb solids are never exceeded. The Sb species under
oxidizing environments and the environmental range of pH are negatively charged;
therefore, one would expect Sb to be highly mobile in oxidized environments. The
solubility of Sb as a function of redox is further illustrated in Figure 4-5 in
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Figure 4-2. The activities of Sb(III) aqueous
spec1es along with a Sb(V) species [Sb(OH)G]
in equilibrium with Sb,05(c).
Sb(OH)2 Sb(OH}e
.8 Sb\z(OH)sa I
14
smonw J
9
Sb‘z‘OH’GS 14.5
10 /\3 | ] | 1 ! 1
o] 6 7 8 9 10 11 12
pH
Figure 4-3. The equilibrium concentration of Sb(V)

species in 0.001 M total Sb(Vv).
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)]

pH

Figure 4-4, The concentration of Sh(V) species
in equilibrium with 0.01 M total Sb(V).

which the concentration of the dominant solution species in equilibrium with the
Teast soluble Sb solid phase is plotted as a function of pe + pH. The solids are
highly soluble in environments with redox potentials greater than pe + pH of 10.
Even at pe + pH < 10, the solubility of Sbo04 is fairly high (10'4'2 M), The
antimony-sul fide solid, Sb,S3, will not 1ikely form because the $2- concentrations
necessary to precipitate the solid will also form very high concentrations of the

solution species szsz'.

PRECIPITATION/DISSOLUTION

Although very limited literature is available for Sb behavior in the environment,
all of the known Sb solids are fairly soluble. Thus, it appears that Sb concentra-
tions in geologic environments may primarily be controlled by adsorption/desorption
reactions rather than precipitation/dissolution.

ADSORPTION/DESORPTION

Little is known of the adsorptive behavior of Sb in soil, subsoil, or ground water,
though preliminary studies suggest it is a mobile constituent under diverse envi-
ronmental conditions (Shvartsev et al. 1974; Ames and Rai 1979). Antimony has been
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Figure 4-5. The effects of redox potential (pe + pH)
on the solubility of Sb203(c) and Sb,0g(s) and the
nature of dominant aqueous species.

used as an indicator species in hydrogeochemical prospecting because of its high
mobility in various geochemical settings from oxygenated to highly reduced waters
{Shvartsev et al. 1974). The two valence states [Sb(II1), Sb(V)] are found pri-
marily in solution as neutral and negatively charged species [Sb(OH)%], [Sb(0H)g]
over the pH range of about 3 to 12 (Figure 4-1). Low adsorption {Kd) is observed in
soil from high salt, high pH solutions (Ames and Rai 1979).

Migration has been rapid through soils following spillage of nuclear fuel reprocess-
ing wastes (Haney and Linderoth 1959, Haney 1967, Magno et al. 1970). Adsorption

may become more significant under weakly acidic (pH 4 to 5.5) soil/subsoil or ground ,
water conditions where amphoteric hydrous oxides are positively charged, encouraging

adsorption of anionic Sb components. Considerable research is needed to define the

magnitude of Sb adsorption from utility waste leachates under diverse subsurface

conditions.
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Section 5

ARSENIC

Arsenic (As) in aqueous solutions exists in the +3 and +5 oxidation states.
Arsenic{V) species are dominant in oxidizing conditions and occupy a large stability
field. Except for an As(III) species (H3As03°), all of the dominant As(V) and

As(II1) species are anions,

Attenuation mechanisms, especially precipitation/dissolution, are not well under-
stood. The available data indicate a strong affinity of As for hydrous oxides.
FeAsQ4 has been suggested as a possible solubility-controiling solid. Arsenic is
also specifically adsorbed by hydrous oxides of Al and Fe.

RELATIVE STABILITY OF SOLID AND AQUEOUS SPECIES

Arsenic, a multivalent element, exists in nature in the -3, 0, +3, and +5 valence
states. However in aqueous solution, +3 and +5 are the only important states. A
predominance-area diagram for As solution species based on thermodynamic data {Ball
et al. 1980) in the MINTEQ geochemical model (Felmy et al, 1983) is given in
Figure 5-1. The outlined areas represent the pe - pH conditions under which the
indicated species are predominant. In general, As(V) species [H3A502, H2ASO£,
HASOE’, Asoz‘] are dominant in oxidizing environments and occupy a relatively larger
stability field than the As(I1I) species [HiAs03, HASO3, HASO§™, As03"1.

The thermodynamic data reported in Table A-2 and in the MINTEQ data base indicate
that most reported solid phases of As have very high solubility. However, the
solubility of Ba3(ASO4)2 as reported in MINTEQ and as expressed by the following

equation is low,
Ba(AsO4), + 6HY 53Ba2" + 2H3As0]  log K° = 6.00

The corresponding reaction for Ca3(ASO4)2 has a log K° = 22.3, suggesting that the .
solubility product for Ba3(Aso4)2 may be erroneous. The equilibrium constant for

Ba,(As0,), reaction above was quoted by Chukhlantsev (1956); unfortunately, no data
‘were presented to allow us to check the results. Therefore, solid phase solubility

diagrams were not developed.
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Figure 5-1. The pe-pH diagram for As-H,0

system, at 25°C.

To determine the dominant As aqueous species under oxidizing {pe + pH = 16) and
relatively reducing conditions (pe + pH = 7), total concentration of As in solution
was assumed to be 1076 M. Under oxidizing conditions, H,AsOz and HAsOz" are the
important As species with H3A303 and Asog- also becoming important at pH <4.5 and
pH >9.25, respectively (Figure 5-2).
aqueous species are H3Asog, HASO%', and H,As0; (Figure 5-3).

Under reducing conditions, the important

PRECIPITATION/DISSOLUTION

precipitation/dissolution reactions of As in soils and sediments have not been
extensively studied. Although several investigators suggest that different arsenic
compounds may be important in controlling aqueous As concentrations, these

predictions are yet to be confirmed. Ferguson and Gavis (1972) predicted that As
sulfides (AsS or Aszs3) would control As concentrations in solutions of low redox
and acidic pH. FeAsO4 was expected to control As levels at high redox (pe > 12.5)
and acidic pH (pH < 2.3). Ferguson and Gavis (1972) supported the hypothesis of
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FeAsO4(s) precipitation by citing that iron ores tend to be enriched in As. Hess
and Blancher (1977) measured As levels in soils over a wide range of redox and pH
vé]ues and provided some evidence that Pb3(ASO4)2 or Mn3(ASO4)2 may be controlling
As levels. This type of solubility-controlling solid phase was expected to be
highly dependent upon Eh and pH conditions. Benjamin and Bloom (1981) observed that
the adsorption of ASOR' and Asog' onto ferric oxyhydroxide enhanced adsorption of
trace metal cations (e.g., Cd). Benjamin and Bioom (1981) suggested that a Fe-As
solid phase could be forming on the surface of the ferric oxyhydroxide, and the
presence of this new solid was responsible for the enhanced adsorption. Livesey and
Huang (1981) measured the ionic activity products for the Al, Fe(111), Ca, Mg, Mn,
and Pb arsenates and found that soil solution levels of ASOE' were far below
saturation Timits for all arsenates., Livesey and Huang (1981), therefore, concluded

2-

that adsorption, not precipitation, controlled AsQ04f™ levels in soils.

ADSORPTION/DESORPTION

Studies of As retention by soil have shown that adsorption is controlled to a large
degree by the content of extractable amorphous/cryptocrystalline hydrous oxides of
Fe and Al (Jacobs et al. 1979, Wauchope 1975, Livesey and Huang 1981). Soil organic
carbon content and pH do not demonstrate marked correlation with As adsorption in
soil. Adsorption studies with a number of pure phase mineral materials have shown
that Fe- and Al-oxide have a high capacity, on the basis of surface area, for As
(Table 5-1) (Ferguson and Anderson 1974, Anderson et al. 1976, Pierce and Moore
1980, Gupta and Chen 1978, Leckie et al. 1980, Wangen et al. 1982) relative to layer
lattice silicates (Frost and Griffin 1977a, Huang 1975). Arsenic, like phosphate,
is strongly adsorbed by most soils and sediments. While the adsorption of As(V) as
arsenate (ASOE_) is comparable to PO%' (Wauchope 1975, Holm et al. 1979), As(III)
retention on sediments or on Al- and Fe-oxide as arsenite (ASOg') is significantly
less (Gupta and Chen 1978, Ferguson and Anderson 1974, Holm et al. 1979).

Although not widely correlated with soil pH, As adsorption on amorphous and crystal-
line hydrous oxides and layer lattice silicates exhibits marked pH dependency

(Table 5-1) and suggests high mobility of As under alkaline conditions. On Al and
Fe oxides, maximum adsorption of As(III) occurs between pH 7 to 9 (Pierce and Moore
1980, Gupta and Chen 1978). While adsorption of As({V) is high and independent of pH
at Tow pH, adsorption decreases with increasing pH (pH 7 to 9) (Anderson et al.
1976, Leckie et al. 1980). The pH of the adsorption edge and maxima are a complex
function of the pK, of the acid anion(s), the adsorbing species, the adsorption
stoichiometry and surface charge characteristics (Anderson et al. 1976, Leckie

et al. 1980, Anderson and Malotky 1979). In general, adsorption decreases as the
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solution pH increases and surface positive charge decreases toward the pH of the
isoelectric point (PHIEP) of the adsorbent. Experimental evidence indicates that As
adsorption reduces net surface charge and the pHygp (Anderson et al, 1976, Anderson
and Malotky 1979). Both the pHygp and the adsorption edge move to lower pH with
increasing adsorption density. The presence of certain competing anions and
complexing ions may affect As adsorption (Table 5-1). Phosphate strongly competes
with As for adsorption sites on iron oxides (Hingston et al. 1971), soils (Livesey
and Huang 1981, Barrow 1974b), and sediments (Holm et al. 1979). Other anions
(e.q., NOZ', C17, and 502'), even when present in great excess, have little effect
(Livesey and Huang 1981, Leckie et al. 1980). The adsorption of As ion pairs (e.q.,
CaHAsO4, KHpAsO4) and complexes (e.g., CuHAsO4) by iron hydroxides may increase As
removal from fly ash leachate over that predicted from As activity alone (Leckie

et al. 1980).

Over realistic environmental concentration ranges (10-%4 to 10'7_ﬂ), As adsorption
conforms to single (oxides, sediments) and multiple site (soils) Langmuir adsorption
equations. Langmuir constants determined for single mineral'phases exhibit pH
dependency (Pierce and Moore 1980, Anderson et al. 1976) with maxima for As(III) and
V) on Fe and Al oxides occurring near pH 7 (Table 5-1). The Langmuir adsorption
maxima for As(IIl) on amorphous iron oxyhydroxide and As(V) on amorphous aluminum
hydroxide are quite high (450 to 600 umoles/g) and exceed the few reported values
for soil by several orders of magnitude (Table 5-1).

A number of chemical reactions have been used to successfully model pH-dependent As
adsorption on oxide and hydrous oxide minerals. The adsorption of As(V) on.
amorphous oxyhydroxide can be described by simultaneous solution of two reactions
(Leckie et al. 1980, Benjamin and Bloom 1981)

SOy + As03™ + H' <5 SOH,ASO4H™
SOHS + As03™ + 2H" = SOH,AsO4H,

In contrast, the formation of one bidentate complex is adequate to simulate As

adsorption on AT(0H)1am

+
SOH3

250H + 3H" + ASOF™ = © > HoAsO;
SOH |
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These reactions are consistent with experimental observations of pH increase (proton
consumption), reduction in net surface positive charge, and poorly reversible

adsorption on Al(OHs)am.

Other arsenic species may, in select instances, be of environmental significance.
These include salts of methanearsonic acid (MA) or cacodylic acid (hydroxy dimethyl-
arsine oxide, CA) which were used extensively in the past as herbicides and
defoliants., Cacodylate may also be formed by anaerobic microbial processes from
arsenate or methanearsonate via formation, and subsequent air oxidation, of
dimethylarsine (Braman and Foreback 1973, Cox and Alexander 1973). The adsorption
behavior of MA and CA in soil and sediment are similar to arsenate, with cacodylic
acid being less strongly adsorbed (Holm et al. 1979, Wauchope 1975). In sediment,
the adsorption of As(III) is comparablé to cacodylic acid.
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Table 5-1.

ADSORPTION CONSTANTS FOR ARSENIC

Adsorbent Adsorbate Electrolyte Adsorption Measurements Reference
CEC S,A. _ @)
tdent ity meq/100g m /g Conc,, M Idont |ty Conc,, M pH Constants 2 Yalue
-6. Int
Amorphous lron - 183 10 6.3 As(V) NaNO} 0.1 3-12 K n 9.3
HAsO4
oxyhydroxide Leckie et al, 1980
-4,3 int
. 1 v K 4
FeZO3 HZO(am) 0 As(V) - 8,40
4
- -4
10 6.3 _ 10 ] KInf . 7.48
HZASO4
As(V) >
- +
Amorphous fron - 83 107> - 107 NaNO, 0.1 312 k" 1.1
HAsO4
oxyhydroxide, As(V) Ben jamin and Bloom 1981
int
F9203 HZO(am) : 9.90
ZASO4
-4 -
Amorphous aluminum - so0 107%2- 107" Neclo, 0.0 3.5- 8" 1.9 Davis 1978
10.5 HZASO4
hydroxlde, AI(OH)B(am) As(V)
-4, 3.1
Amorphous aluminum - 500 10 z_ 10 NaCIO4 0.01
hydroxlde, AI(OH)B(am) As(V) S Am, KL 1600, 5.08
6 1478, 5.17 Anderson et al, 1976
7 1179, 5.24
8 838, 5.12
8.5 681, 4,85
. 9 501, 4.62
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Table 5-1 (Contd).

ADSORPTION CONSTANTS FOR ARSENIC

Adsorbent Adsorbate Electrolyte Adsorption Measurements Reference
CeC SQA' ()
Identity maq/100g m /g Conc., M Identlty Conc,, M pH Constants © Value
-7 -5
Amorphous - - 10 -~ 10 NaNO3 1.0 Plerce and Moore 1980
As(iil)
oxyhydrox!ds, as As0, 4.0 A, K 457, 5,98
Fe, 01,0 5.0 463, 6,18
5.7 490, 6.26
6.1 503, 6.33
7.0 513, 6,36
8.0 488, 6,30
~
8.8 417, 6.18
9.8 417, 5,73
-5 -4
Activated bauxite - - 10~ - 10 Water - 6~7 As(lit) Am' KL 16, 5.16 Gupta and Chen 1978
As(V)
As(V) Am, KL 52, 6.39
+
-6 -5
10 - 10 Seawater 0,07 6-7 As(ill) Am' KL 16, 5,02
As(ill)
(1:10/d1) As(V) Am, KL 44, 6,07
NaC| 0.67 6-7 As(ill) Am, KL 17, 4,93
As{V) Kk 59, 5.56
Seawater 0.7 6-7 As(I11) Am' KL 1,0, 5,10
As(VY) Am, KL 33, 5.54
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Table 5-1 (Contd). ADSORPTION CONSTANTS

FOR ARSENIC

Adsorbent Adsorbate Electroiyte Adsorption Measuremenis
CEC S,A. () .
Identity meq/100g m /g Conc,, M Identity Conc., M pH Constants = Value
- -4 ’
Actlvated alumina - 210 10 > - 10 Water 6-7 AsClI1) Am' KL 14, 5,54 Gupta and Chen 1978
As(Vl) + As(Y) A, K 67, 6.85
m L
-6 -5
10 - 10 Seawater 0.7 6-7 As(Itl) Am’ KL 19, 4,98
(1:10/d1) As(V) Am' KL 230, 5.30
NaC1 0,67 6-7 As(111) Am' KL 14, 5,37
As(V) A, K 140, 5,46
m L
Seawater 0,7 6-7  As(V) Am' KL 330, 4,64
-4 -
Kaol Inite 150 3.2 1070 - 1072 Leachats 5 As() AL K 7,19, 3,58 Frost and Grittin 1977
As(V) +
-4 -
10 - 10 3
As(l11)
-4 -3
Montmorillonlte 79.5 86,0 10 - 10 Leachate 5 As(V) Am' KL 9.9, 3.57
As(V) +
107 - 107

As(111)




Table 5-1 (Contd). ADSORPTION CONSTANTS FOR ARSENIC

Adsorbent Adsorbate ) Electrolyte Adsorption Measurements Reference
CEC S.A, (a)
Identity meq/100g m /g Conc., M Identity Conc,, M pH Constants 8 Value
Hydroxy Al-coated muscovite
-4 -3 "
2-5 um - - 10 - 10 NaCi 0, 0.1, 1.0 6-7 Am' KL 12,0, 1.91 Huang 1975
0.2-2 ym - - As(V) 22.6, 1.64
0.08-0.2 yum - - 58,7, 1.22
<0.08 ym - - - 66,7, 1,17
Hydroxy Al-coated blotite
-4 -3
2.5 - - 10 - 10 NaC 0, 0.1, 1,0 6-7 Am, KL 8,01, 2,07
. 0.2-2 pm - - As(V) t2,0, 1.89
—
&) 0.08-0.2 um - - 55,6, 1.25
<0.08 pym - - 65,4, 1,18
Soils
Clay~8.0%, Org C-2,96% B R L - 7 AN, AN, Total 0.32, 2.99, 3,31 Vangen of al. 1982
As(V)
Clay-42.2%, Org C-4.98% - - - 7 Am(l), Am(ll), Total 0.80, 3,67, 4,47
Clay-23.3%, Org C-2.03% - - - 7.5 A (1), A (1), Total 0.88, 2.67, 3.55
Clay-14.9%, Org C-2,45% - - - 5.9 Am(l), Am(l|), Total 0,37, 3.23, 3,60
—int Int
(a) K , R = intrinsic adsorption constants ot lonic species, log
K, = Langmuir constant, log ﬂ— \
A = Langmulir adsorption maximum, pmol g_

m
Am(l), Am(ll) = two adsorption sites



Section 6

BARIUM

Like other alkaline earth cations, barium (Ba) in aqueous environments exhibits only
+2 valence state. At pH values <9.3, Ba2+ is the dominant species with.BaSOZ
becoming important in groundwaters with high sul fate concentrations. Both amorphous
and crystalline forms of barite (Basog) may form in subsurface environments, but Ba
solution concentrations are expected to be controlled primarily by ion exchange
reactions. Barium is more strongly adsorbed than Sr, Ca, and Mg by most layer
Tattice clays and soil hydrous oxides.

RELATIVE STABILITY OF SOLID AND AQUEOUS SPECIES

Barium in aqueous solutions exhibits only +2 valence state. Barite and witherite
(BaC03) have fast precipitation kinetics and are the compounds that may form in
surfacial deposits and 1imit maximum possible Ba concentrations in waters.

To determine the relative abundance of Ba(ll) species in ground waters representa-
tive of utility waste environments, activities of different Ba aqueous species in
equilibrium with barite and witherite were plotted using the thermodynamic data
(Ball et al. 1980) contained in the geochemical model MINTEQ (Felmy et al. 1983) and
in Table A-3. Under the assumed conditions {Figure 6-1), Ba2+ followed by BaSOﬁ is
the dominant aqueous species in groundwaters of pH values <9.3. At pH values >9.3,

2* torms relatively weak complexes with C17, OH™, and

BaCO% species are dominant. Ba
N03—; hence, these complexes do not contribute significantly to total Ba concentra-
tion. Figure 6-1 also shows that barite is more stable than witherite in a large pH
range and that witherite can only be expected to be stable in very alkaline

conditions.

PRECIPITATION/DISSOLUTION

Although very 1imited data exists on Ba geochemical behavior, most alkaline earth
elements such as Ba are generally expected to be controlled by adsorption-desorption
reactions. As mentioned above, witherite (in highly alkaline conditions) and barite
may, in some instances, control Ba concentrations in natural waters or leachates.

(=2}
1
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Figure 9;1. Activities of different barium species
when Ba¢’ activity is controlied by baEite (Ba§04)
or witherlte (BaCO4) and when 81;2= S0z~ = 10°

NO3 = 1077, and COZ(gas) = 10777 atmospheres.

Jenne et al. (1980) working with waters from Missouri tri-state Pb- and Zn-mining
area report that barite appears to control Ba concentrations.

ADSORPTION/DESORPTION

Specific and nonspecific adsorption of Ba has been observed on soil and in model
adsorbents (Table 6-1). Electrostatic or coulombic forces (nonspecific adsorption)
account for a large fracton of adsorption in soil and subsoil. Thus, like other
alkaline earth cations, Ba retention is controlled, to a large extent, by the cation
exchange capacity of the adsorbent. The relative affinity of alkaline earth cations
for cation exchange and specific adsorption sites on most clay minerals, oxides, and
hydrous oxides decreases in the order Ba > Sr > Ca > Mg, thus reflecting a decreas-
ing ionic (dehydration) radius through the series (Table 6-2). Complexation by soil
organic material occurs to a limited extent (Broadbent and Ott 1957).

Specific adsorption of Ba2+ and othier alkaline earth cations does occur to some
degree on oxide and hydrous oxide minerals in soil, which is accompanied by proton

release (Kinniburgh et al. 1976, Murray 1975). However, Ba may absorb without

6-2




releasing protons, and thus, react electrostatically with points of negative
charge. The order of affinity which alkaline earth cations have for various oxides
is consistent with the electrostatic properties of the solids and the energy of
hydrolysis of the cations {(Table 6-2). The log hydrolysis constants of Mg, Ca, Sr,
and Ba are 2.58, 1.32, 0.88 and 0.69, respectively. Their jonic radii are 0.65,
0.99, 1.13 and 1.35 R. The relative affinity depends on the surface charge density
and net sign of the oxide surface which, in turn, is a function of pH and electro-
lyte concentration, the relative size (or charge density) and the degree of hydroly-
sis of the cation. The data in Table 6-2 indicate that Ba will displace other
adsorbed alkaline earths from Mn0,, $10,, and Ti0, under usual environmental condi-
tions, while Ba on A]203 will be displaced by other alkaline earths.
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Table 6-1. ADSORPTION CONSTANTS FOR BARIUM
Adsorbent Adsorbate Electrolyte Adsorption Measurement Reference
CEC S,A. (a) )
Identity meq/100q m /g Conc,, M identity Conc., M pH Constants 2 Value(b
Clay Mlnerals
Montmor!llonlte,
- oBa ' ‘
NH,-saturated - - - ICi 0,1 <5 AGNH (4,7) Elprince et al. 1980
4
- oBa .
La-saturated - - - ICI 0.1 <5 NsLa (9.4)
Alumlina
Al oxide gel
fresh - - 10726 NaNO, 1.0 10.5 A 17 Kinnlburgh et al. 1976
aged - - 1073+6 +ug?t, 10708 1.2 A 17
2+
Ca~ and seach
Sr2+
Hydrous Y-A10, - 1o - NaC | 0.1 - K02 -6.59 Huang and Stumm 1973
o
N;ads 2.5
Hydrous Y‘A|205 - - - - - - 'KT -6.6 Stumm et al, 1976
K\nf 2.9
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Table 6-1 (Contd). ADSORPTION CONSTANTS FOR BARIUM

Klnf

Ky = dlstrlbution coetflclent, mt g~

(b) () = estlmate value

-

= Intrinslc adsorption constant, log

1

Adsorbent Adsorbate Electrolyte Adsorption Measurement References
CEC S2A' (a) )
identlty meq/100g m /g Conc,, M Identlty Conc,, M pH Constants'? Value
Fe Oxldes
Fe oxlde gel - - 1073-0 NaNOy 1.0 7.55 A 60 Kinnlburgh et al, 1976
107346 NaNO, 1.0 7.25 A 17
+M32+, ‘0-3.6
Ca + and each
Sr2+
Mn Oxldes
Hydrous MnO2 - - !0_5 - 107 NaCIO4 0,01 5 Am, KL 2050, 4,6 Posselt et al, 1968
T1 Oxides
Rutlile - 26 107 - - 8.6 A 77 Stumm ot al, 1976
)
AGads -8.6
Sediment
River - - 10727 Seawater  ~0.7 8 1.0 L1 and Chan 1979
Kd 530
R1iver - - 10_6‘4 Rlver - - Kd 2800
water
(a) AG;Ba = free energy of exchange, cal mol“
A = adsorptlion, ymol g-
Ksa = exchange coeffliclent, log
AG:dS = free energy ot adsorptlon, kcal mol~
‘KT = surface complexation constant, log




Oxide

MHOZ

$i0p
Ti0,
FeOOH
Al503

PHzpc
~2.6

Table 6-2

ALKALINE EARTH CATION AFFINITY FOR OXIDES

Order of Affinity References
Ba > Sr > Ca > Mg Posselt et al., 1968,
Murray 1975
Ba > Sr > Ca > Mg Stumm et al. 1976
Ba > Sr > Ca > Mg Fuerstenau et al. 1981
Ba > Ca> Sr > Mg (pH <8) Kinniburgh et al. 1976
Mg > Ca > Sr > Ba Kinniburgh et al. 1976

Huang and Stumm 1973
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Section 7

BERYLLIUM

Beryllium (Be) in aqueous environments exists in +2 valence state. Fluoro- and
hydroxo- complexes of Be appear to be the dominant aqueous species at pH values of
approximately <6 and >6, respectively. Essentially no data are available on pre-
cipitation/dissolution and adsorption attenuation mechanisms. The available thermo-
dynamic data suggests that 8-Be(OH),(c) has fairly low solubility; additionally,
B-Be(OH)p has fast precipitation kinetics and may be an important concentration-
limiting solid phase.

RELATIVE STABILITY OF SOLID AND AQUEOUS SPECIES

Beryllium only exhibits a +2 valence state. The selected thermodynamic data for Be
species are reported in Table A-4. The relative stability of some of the Be solid
phases for which the thermodynamic data are available are plotted in Figure 7-1.
Chloride, fluoride, and sulfate compounds of Be are too soluble and fall outside the
graph boundaries. Among the solid phases reported in Figure 7-1, phenakite (BeSiO4)
is the most stable solid followed by chrysoberyl (BeA1204) and g-Be(OH)p. Phenakite
and chrysoberyl form under high temperatures and pressures. Information about other
Be solids that may form in surfacial environmental conditions is not available.

Information regarding the dominant aqueous Be species under a range in activities of
complexing ligands and the solubility of phenakite can be obtained from Figure 7-2,
Depending upon the fluoride content of the waters, Be in low pH (<5.5) waters would
be present as Be?* or BeF*. At pH values between 5.5 and 8.2, and 8.2 and 9.6, BeOHY
and Be(OH)g, respectively, are expected to be the dominant species. It should,
however, be pointed out that the thermodynamic data used for Be(OH)g species are
questionable (Smith and Martell 1976); there is some uncertainty about the values of
formation constants of Be with fluorides. The data show that the chloride, nitrate,
sulfate, and polynuclear hydrolysis species of Be do not contribute significantly to
the total soluble Be. Information on carbonate complexes of Be is not available, soO
the importance of carbonate complexation in alkaline waters cannot be assessed. The
relative activity of different species in equilibrium with 8-Be(OH), would be two
orders of magnitude higher than those shown for phenakite (Figure 7-2).
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Figure 7-1. Relative solubility of Be solid phases when
302— = 10-3.0, H,PO = 107 =5.5 (at pH values <7.2) and
HPOE- - 1070 A] activity is controlled by yA1(OH)3(c)

and the Si activity by SiOZ(am).

PRECIPITATION/DISSOLUTION

Merrill et al. (1960) and Udodov and Parilov (1961) report 0.5 to 17 ug/s (10'5'7 to
10-7.3 M) Be in surface waters. Machacek et al. (1966) reports similar Be concen-
trations (0.5 to 0.78 ug 1 liter) in ground waters. It is interesting that the
concentrations in surface waters are similar to Be concentrations predicted from
chrysoberyl or R-Be(OH),. Information was not found on the Be compounds that could
form in the geologic environments and/or that could control Be concentrations in

solutions, Most of the available information is either of a general nature only
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Be(OH)S
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Figure 7-2. The activities of Be aqueous species in
equilibrium with Be25104(c) and SiOZ(am) and when

$027 = ¢1” = o3 = 1070 and F7 = 1070,

where concentrations of total Be were determined in different solid materials and
waters, or the predictions of solution species were based on the thermodynamic

data. To study the Be aqueous behavior, Karlander and Krauss (1972) studied the
effect of pH on Be precipitation in algal medium. The authors were unable to
ascertain whether the change in Be concentrations from 107%-1 M at pH 5 to about
10-4-8 M at pH 8 was due to precipitation or adsorption by algal medium. However,
the data presented in Fiqures 7-1 and 7-2 suggest that this change may have been due
to precipitation of Be(OH),.

ADSORPTION/DESORPTION

Beryllium adsorption in soils has not been well investigated. No literature was
found where Be adsorption was the sole topic, although several investigators have

studied this element in a cursory manner. Preliminary evidence indicates that Be
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adsorption on soils and some layer lattice silicates is pH dependent and that
adsorbed Be is not effectively replaced by Ba, Ca, and Mg (Romney and Childress
1965). These alkaline earth cations, however, may compete with Be when simul-
taneously present in the solution phase (Romney and Childress 1965), suggesting an
ion exchange retention mechanism. Beryllium, present in a simulated solid waste
leachate, was more strongly attenuated in column studies with 11 soils from seven
prominent soil orders than were ZIn, Cd, Ni, and Hg (Alesii et al. 1980, Korte et al.
1976). Only Cu and Pb exhibited less mobility than Be. Calcareous soils high in
layer lattice silicates appear most effective in Be retention (Korte et al. 1976,
Alesii et al. 1980). Information is not available to identify the most important
mineral absorbents or the relative importance of ion exchange or specific adsorption
mechanisms in Be adsorption by soil.
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Section 8

BORON

Boron (B) in aqueous solutions exists as H3308 at pH values of approximately <9.2
and as B(OH)z at pH values >9.2. Most of the solid phases of B, for which thermo-
dynamic data are available, are fairly soluble. Therefore, adsorption/desorption
reactions are primarily expected to control geochemical behavior of B. Amorphous
Al- and Fe-oxides and to a lesser extent 1:1 clay minerals are important adsorbents.

The adsorption is greatest under alkaline conditions.

RELATIVE STABILITY OF SOLID AND AQUEOUS SPECIES

Boron has +3 valence state but does not exist in aqueous solution as a cation.

Boron readily hydrolyzes in aqueous solutions and the least hydrolyzed form

of B(IIT) is B(OH)3 or H3Bg. Boron forms several alkali and alkaline earth

borates. There is, however, a general lack of thermodynamic data for boron

solids. Mattigod (1983) calculated solubility products of several borate minerals
(pinnoite, inderite, inyoite, colemanite, inderborite, hungchaoite, borax, sborgite,
McAllisterie, kaliborite, nobleite) based on the data presented by Bassett {(1976)
and also proposed a method of estimating the standard free energies of formation of
borate minerals. Using Mattigod's (1983) data, the calculated solubilites of alkali
and alkaline earth borates were very high suggesting the unltikelihood of these
minerals to be the soiubi]ity—]imiting solids in dilute ground waters.

To determine the relative abundance of B species in ground waters representative

of leachates, activities of different B species (when H3BO% = 10-5 M) were .
plotted (Figure 8-1) using the thermodynamic data (Ball et al. 1980) contained

in the geochemical model MINTEQ (Felmy et al. 1983). Under the assumed conditions
(Figure 8-1), H3BO% is the dominant aqueous species at pH values <9.2. At pH values
>9.2, B(OH)z is the dominant species. In addition to hydroxo complexes of B, infor-
mation is only available for B complexes with F. However, the data presented in
Figure 8-1 indicate that the contribution of B-F complexes [BFZ(OH)é, BFi, BF3OH',
BF(OH)3] to the total B concentration is insignificant.
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Figure 8-1. Activity of different species when activity

of H3B03 fixed at 107>, F = 107", and CO,(gas) =

1073-52 atmospheres.

PRECIPITATION/DISSOLUTION

Since most known boron minerals are fairly soluble, adsorption/desorption is
expected to control the geochemical behavior of boron. The short-term attenuation
of boron by soils, minerals, or other solid phases did not folliow a pattern con-
sistent with the precipitation of B solid phases (Keren and Mezuman 1981, Hingston
1964, Hatcher et al. 1967). However, other authors have interpreted the attenuation
of B by solids as the formation of B solids. Parks and Shaw (1957) showed that B
may be precipitated in combination with A13* and H45102. Biggar and Fireman (1960)
suggested that B reacts with soluble aluminum, silicon, or iron to form hydroxy
borate on the surface of the respective oxides. The mechanism of precipitation was
proposed to be an "exchange" of H3BO§ or B(OH)z for surface hydroxyls. Couch and
Grim (1968) observed the fixation of B into clay minerals and attributed the
fixation to the incorporation of B into the clay lattice through a diffusion
process. The results of Rhoades et al. (1970a, 1970b) indicate that B concentration
in soils were solubility limited. Magnesium-hydroxy clusters and coatings may
facilitate coprecipitation of B under semiarid/arid conditions {Rhoades et al.
1970b). Elrashidi and 0'Connor (1981) found that B was irreversibly adsorbed in

some soils and suggest irreversibility could be attributed to solid.phase formation.
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ADSOROPTION/DESORPTION

The adsorptive behavior of B in soil (Table 8-1) has received considerable research
attention because of its importance as an essential micronutrient and a phytotoxic
element. In fact, a narrow concentration range exists between concentrations
inducing deficiency and toxicity (Berger 1949). Soil adsorption of B has long been
recognized as a complex phenomenon differing appreciably from the adsorption of
other protolyzeable anions. A number of diverse soil characteristics have consis-
tently been associated with B retention, including: pH (Keren et al. 1981, Sims and
Bingham 1968a, 1968b), Al oxides and particularly amorphous Al oxides (Bingham

et al. 1971, McPhail et al. 1972, Sims and Bingham 1968a, 1968b; Hatcher et al.
1967), Fe oxides (Sims and Bingham 1967, 1968b; Mezuman and Keren 1981), and CaC04
(Hatcher et al. 1967, Okazaki and Chao 1968, Keren and Mezuman 1981). Other
indirect measures of soil properties such as clay content and surface area (Biggar
and Fireman 1960, Hatcher et al. 1967) and soil salinity (Fleet 1965, Couch and Grim
1968) often correlate with B adsorption.

Boron adsorption displays marked pH dependency (Table 8-1) with maximum adsorption
occurring between pH 7.5 and 10 on clay minerals (Keren and Mezuman 1981, Sims and
Bingham 1967, Hingston 1964), Al and Fe oxides (Sims and Bingham 1968b, McPhail

et al. 1972), soil organic matter (Huettl 1976), and soils (Mezuman and Keren
1981). The pH dependency of B adsorption may be related to the hydrolysis of boric
acid:

B(OH)3 + Hy0 < B(OH)7 + H' log K = 9.24

The borate ion B(OH)& has a much greater affinity for oxide and clay mineral sur-
faces than B(OH)3 (Keren et al. 1981). At high pH (>9.5) increasing OH™ concen-
trations reduce B adsorption by competition for adsorption sites. Adsorption of B
is enhanced in the presence of Ca or Mg (Fleet 1965, Hatcher et al. 1967, Couch and
Grim 1968, QOkazaki and Chao 1968, Rhoades et al. 1970@, Keren and Mezuman 1981)
likely resulting from formation of CaB(OH)Z or MgB(OH)Z {Dyrssen and Wedborg 1974)
and adsorption on cation exchange sites.

The most important single constituent influencing B adsorption in soil may be
amorphous Al,03 (Bingham et al. 1971). The B adsorption capacity of freshly
prepared hydrous Al oxide exceeds that of fresh Fe oxide by a factor of 5 to 10
(McPhail et al. 1972, Sims and Bingham 1968a). Coatings of Fe, and particularly Al

oxides, on layer lattice silicates may be more important than the clay mineral




itself in B retention (Sims and Bingham 1968b). Liming soil may increase B adsorp-
tion by displacement of exchangeable a3t and formation of AT1(0H)3(s), an effective
adsorbent (Hatcher et al. 1967). Similarly, Mg-hydroxy clusters appear important in
B retention in arid regions (Rhoades et al. 1970b). Soil organic matter may also be
important in B adsorption. Both cis-diol and v-hydroxy carboxylic acid functional
groups in soil organic matter have been shown to complex B (Huettl 1976, Parks and
White 1957).

Limited data indicate that boron adsorbs on sites that are element specific (Bingham
and Page 1971), suggesting B adsorption may not be affected by the presence of other
anions present in utility waste leachate. Boron adsorption can be described by the
Langmuir equation over narrow concentration ranges (Rhoades et al. 1970a, McPhail

et al. 1972, Griffin and Burau 1974, Elrashidi and 0'Connor 1982) or the Freundlich
isotherm over broader concentration gradients (Fleet 1965, Singh 1971, Elrashidi and
0'Connor 1982). The pH-dependent adsorption of B on clay minerals (Keren and Mezuman
1981) and soils (Mezuman and Keren 1981) has been adequately described using a modi-
fied competitive Langmuir equation incorporating boric acid hydrolysis, where
B(OH)%, B(OH)z, and OH™ are the adsorbing species.

The adsorption behavior of B in soils is further complicated by conflicting data
describing its desorption. Adsorption appears to be easily reversible for some
soils and soil components (Hatcher and Bower 1958, Hingston 1964, Keren and Gast
1981); however, other soils demonstrate marked hysterises in deéorption (Okazaki and
Chao 1968, Rhoades et al. 1970a, Elrashidi and 0'Connor 1982). Wetting and drying
cycles not only increase the B adsorption capacity (Biggar and Fireman 1960) but
render a substantial portion irreversibly adsorbed (Keren and Gast 1981).

Irreversible adsorption may reflect solid phase formation or fixation by clay
minerals. Displacement of exchangeable A3t or Fed* by ca®t in the presence of B
may result in precipitation of Al, Fe borates, or hydroxy borates (Biggar and
Fireman 1960). Iron or aluminum, and boron seem to precipitate from solutions in
stoichiometric proportions although the formation of discrete Fe or Al borates has
not been demonstrated (Sims and Bingham 1968a). Boron [B(OH)3] may be isostructural
with A1(OH)q; fixation by layer lattice silcates has been observed (Couch and Grim
1968, Fleet 1965). For this reason, the B content of clay minerals has often been
used as a paleosalinity indicator. Lengthy B adsorption kinetics (e.g., 20 to

100 hr for equilibration) further allude to the importance of precipitation and
fixation reactions (Bingham et al. 1971, Griffin and Burau 1974).
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Table 8-1. ADSORPTION CONSTANTS FOR BORON
Adsorbent Adsorbate Electrolyte Adsorptlon Measurements Refarance
cec S.A.
(a) 2 ( (c)
Identlty meq/100g m /g Conc,, M ldontity Conc., M pH  Constants Vatue
Soit % Ctay $0.C, 3CaCO Sol |l
25 1.00 0.80 16.2 59.8 - CaClZ 0.0t 6,02 Am' KL' C 0,729, 3,60, 0,466 Eirashidi and O'Connor 1982
Kes IN 1.93, 0.644
10 0.45 0.35 5.5 1,4 - CaCI2 0.01 6.02 Am' KL‘ C 0.210, 3,44, 0,784
Keo 1N 0.409, 0,666
5.4 0.17 0.20 1.6 0.51 - CaCI2 0.01 7.03 KF'V /N 0,087, 0.935
5.0 0.02 8.40 5.2 11,2 - CaC'2 0.0t 8,00 KF' 1/N 0,421, 1,19
7.7  0.04 1.80 8.1 10,9 - CeCl, 0.0t 7.89 Kes IN 0,162, 0,843
5.6 0,04 8.00 7.8 14,6 - CaCl, 0.01 7.82 Am, KL’ c 0.408, 2.63, 2,13
KF /N 0,125, 0,947
57 0.97 8.80 35.2 177 - CaCl 0,01 7.57 A, XK, K6 ¢ 3.13, 2,51, 1,45
2 m” L ’ ’ <
Ke» 1/N 3.99, 0,572
27.3 1,10 20,2 18,5 65,9 - CaCl2 0.0t 7,62 Am, KL’ o] 1,50, 3,26, 1,30
Kes 1IN 2,53, 0.618
13,7 0.43 0.5 14,0 64,9 - CaCi 0,01 7.42 A, K ,C 1,07, 3.44, 0,407
2 m* L 4 ’
Keo 1IN 2.16, 0.645
Soll
-4 -
Yolo loam 17.8 109 10 s 10 z - - 8.0 ‘Am' KL' c 1.22, 2,45, 1,94 Biggar and Fireman 1960
Hasperia sand, ioam 8.0 57 10 4 |0‘Z - - 7.6 Am’ KL’ o] 0.67, 3.00, 0,55
Rincon toam 16,1 [AR] 10 s 10 2 - - 7.5 Am’ KL, o} 1,97, 2,77, 2,31
Alken clay loam 19.9 12,0 10 10 - - 1AL K,LC 4,40, 3.18, 0,55




Table 8-1 (Contd). ADSORPTION CONSTANTS FOR BORON

Adsorbent Adsorbate Electrolyte Adsorptlon Measurements Reference
CEC S.A.
(a) 2 (b) (c)
Identity meq/100g m /g Conc,, M Identity Conc., M pH  Constants Value
Sotls
-3 -2.2
10 Mexican and Hawallan - - 107 - 10 - - 5,6- Am (26,4-53,0) Bingham et al, 1971
solis high In amorphous ) 6.0 KL (2,38 - 2,73)
materials (10-40%)
Solls
Terra Rosa 44,2 - 0o - IO-:'i - - 6.6 Am, KL 2,96, 3.41 Hadas and Hagin 1972
0-10 ° - - " " 1.31, 3,07
+ -6.3
K saturated Terra Rosa - - 0-10 6.3 - - 6.6 Am’ KL 3,98, 3.67
0-10""° - - " " 10,5, 3.30
-6.3
Grumusol 58.7 - 0~ 10 1= - 7.7 A, K 5.09, 3,43
& 06.3 L
| 0-10 - - " 16.6, 2,23
o
+ -5.5
K saturated Grumusol - - 0 - 120 - - 8.1 Am' KL 7.59, 3,25
Soll § Clay £0,C. SCaCO5 Sol |
Loamy 5 3
Sand 9.5 0,73 ] 7.6 - 1077 ~ 107 CaCl, 0,005 7.0 ALK 2,16, 2,34,
B'KOH 3.68, 5,04
Loam 21,7 0,68 18 17.0 - 1077107 cecl, 0,005 7.7 A K. 2,91, 2,37,
KB' KOH 4,21, 5.93
~5 -3
Clay 58,0 1,20 18 58,0 - 10’ -10 cal, 0.005 7.6 A, Ko 8.80, 2.35,
" KOH 3.90, 5,31
Clay 65.2 0.24 0 31,0 - 1077 - 107 cect, 0.005 7.0 , K 14,10, 2,12,

- K %0, 5
Ke' OH 3.90, 5.39




Table 8-1 (Contd). ADSORPTION CONSTANTS FOR BORON
Adsorbent Adsorbate Electrolyte Adsorption Measurements Reference
) 3 ( (
|denﬂfy(a meq/100g m /g Conc., M Identity Conc,, M pH Constants Value ¢
Clay Minerals
Kaolinite 39 1074 - 1072 CaCl, 0.01 T4 ALK 1,01, 4,67
9.9 5.67, -
1ite 130 107 - 1072 caCl, 0,01 6.4 A, K 9,72, 3.23 Hingston 1964
7.0 ALK 12,5, 3,23
6.5 AL K 14,3, 3,76
8.5 A, K 2,22, 3.81
m’ L
Mon tmor | 1 Toni te soo 107 - 1072 cact, 0.01 .5 ALK 1.52, 4.57
8.2 A, K J1.12, 3,41
9.4 A, K 50.9, 2,72
m L
-4 -2
Kaollnlte (Ca-sat.) - 10 -~ t0 CaCl2 0.01 7-11 Am' KHB 0,272, 2,57, Keren and Mezuman 1981
Kgr Kon 4,24, 5,08
-4 -3
Montmorillonite - 10 -~ to0 CaCI2 0,01 7-11 Am' KHB 0.55, 2.28,
(Na-sat,) Kge KDH 3.24, 4.4
-4 -3
Montmori tonite - 107 - 10 cacl, 0,01 7-11 A K 1.09, 2,02,
(Ca-sat, ) Kgr Kon 3.01, 3,96
11ite (Ca-sat.) B T A T a cac,, 0.00 T AL Ko 1.39, 2.54,
Kgr Kon 3,94, 4,60
-3,3 ~2.3
Oahu 1 - 0y - 0.5 - - - ALK (4,5, 5.4) Okazaki and Chao 1968
2 - 10 3‘3 - 10 2'3 - - - A K (3.1, 5.7
3 - 10727 - 10 0 - - - ALK (6.8, 5.5)
-3.3 -2.3 m L
4 - 10 - 10 - - - A, K (4,0, 5.7
m L
Maul 53 - 107343 1 40723 - - ALK (6.0, 5.5
Kaual 7 - T IRARET I R - - ALK (2.2, 6,1}




L r-]
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Table 8~1 (Contd). ADSORPTION CONSTANTS FOR BORON

Adsorbent Adsorbate Electrolyte Adsorption Measurementa Reference
CEC S.A. .
(a) . {b) (c)
ldentity meq/100g m /g Conc,, M Identity Conc,, M pH_ Constants Value
Soli Sol
Untreated 33 2.7
sandy loams, acid - 16.5 10 3'3 ~ 10 2'7 - - 5.5 Am' KL (0.3, 5.6) Hatcher et at, 1967
- 18,6 )0‘3‘3 - !0_2‘7 - - 5.0 Am, KL (0.3, 5.6)
- 19,4 10 27 <10 < - - 4,7 A, K (0.3, 5.9
-3,3 ~2.7 m L
- 23,6 10 3'3 ~- 10 2'7 - - 4.9 A KL (0.3, 5.6)
- 31,0 10 """ - 10 - - 5.8 Am. KL (0.5, 5.7
sandy loams, calcareous - 53.5 IO~§': - 10-;‘; - - 6.7 Am’ KL (1.2, 5.6)
- 66.9 10 *7 - 19 ’7 - - 7.4 A Xy (1.9, 5.7
- 7409 107003 - 4072 - - 7.8 AT, K (2.8, 5.8)
-3.3 -2.7 m L
- 83,7 10777 - 10 °* - - 7.7 A, K (1.6, 5.6)
-3.3 ~2.7 m L
- 161,8 10 °*° - 10 “* - - 7.2 Aw KL (2.7, 5.7)
siit loams - 959 to‘i'i - :0‘2'; - - 8.3 A K, (2.9, 5.1
-~ 130.4 10'3'3 - 10'2'7 - - 6.5 Ay K (2.5, 5.8)
- 292.0 1077 - 107° - - 7.6 A K (9.7, 5.5)
clays, clay loams - 117.4 10-;'2 - 30‘2'; - - 7.4 A KL (2.3, 5.8)
- 9.4 1070 = 1072 - - 5,8 A, K (5.1, 5.8)
-3.3 ~2.7 LS
- 2491 10 3'} - 10 2°7 - - 7.4 An K¢ (5.5, 5.7)
- 266,9 10 °°7 - 19 ‘" - - 7.6 A, K (4.0, 5.7
a=3.3 ~2.17 m” L
- 295.2 10 "0 - 107° - - 1.7 A KL (1.7, 5.2)
subsol I's - 32,0 107> - 10727 - - 4.7 A K (0.5, 5.8)
- 38,6 10'2'; - 10727 - - 4.6 A K (0.8, 5,9)
- sz 10 10‘5'; - - 5.5 A K (0.6, 5.9
- 64.6 10 °7 - 10 °* - - 5.3 A, K (0,8, 5.9
-3 3 _2 7 m' L sy -
- 76,5 10 "7 - 107° - - 4.9 e KL (1,2, 5.6)
CaCl_ ~treated
3 -3.3 -2.7
sandy loams - 8.0 10 53 - 10 - - 7.4 Am‘ KL (1.2, 5.2)
- 6.5 107> - 10727 - - 7.3 A", K (0.6, 5.8)
-3.3 -2,7 m L e
- 18,6 10 ’3 - 10 2‘ - - 7.4 A KL (1.6, 5.5)
- 19,4 10’3'3 - 10727 - - 7.4 A KL (3,6, 5.3)
- 23.6 107> - 10727 - - 7.5 A, K (2.1, 5,5)
-3.3 -2,7 m L '
- 3.0 10 3'3 - 10 2’7 - - 7.4 Aw KL (1,3, 5.4)
- 35,0 10 °°° - 107% - - 7.4 Awr KL (1,9, 5.8)
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Table 8-1 (Contd).

ADSORPTION CONSTANTS FOR BORON

Adsorbent Adsorbate Electrolyte Adsorption Measurementa Reference
CEC S.A,
(a) (b) (c)
Identity meq/100g m /g Conc,, M {dentity Conc,, M pH  Constants Value
Sol | Soll
- -2.7
clay, clay loams - 119,4 10 3.3 10 2 - - 7.5 Am’ KL (7.4, 6,0)
- iz27.0 10723 - 10727 - - 7,0 A K, (10.2, 5.7
- 1610 10703 < 0727 - - 7.4 A, K (7.0, 5.2)
m L
- - .7
subsol Is - 322 1070 < 1072 - - 1.5 Ao KL (1.8, 5.7)
- 38.6 100 - 10727 - - 7.6 A K (2.1, 5.7
- 48,2 107> - 10727 - - 7.6 Ao KL (1.7, 5.9
- 64.6 1070 - 10727 - - 7.5 A KL (3.2, 5.1
- 763 10702 - 10727 - - 7.5 A K, (4.0, 5.8)
- 12108 107002 - 472 - - 7.6 A K (3.5, 5.8

(a) 0.C, - Organic carbon

(b) Am = Langmuir adsorption maximum, pmol g_‘

-1
KL= Langmuir constant, log M

C = upper concentration limit tor Langmuir equation, pumo t m

KF~, I/N = Freundlich constants for A = KFCVN
K = t H
KHB' KB_' oM competitive Langmulr constants for B(OH)

(c) () = estimated values,

3

-1 )
3 A =umol g ; C =M,

BION),, and OH , log M ',




Section 9

CADMIUM

The dominant cadmium (Cd) solution species in ground water at pH values <8.2 and
containing <10-2.5 ﬂ_SOﬁ' activity is Cd2*, Both precipitation/dissolution and
adsorption/desorption reactions control Cd concentrations. Several researchers
report that octavite (CdC03) limits Cd solution concentrations in alkaline soils.
Cd3(P04)2 has also been reported to be a solubility-controlling solid. Although
general adsorption mechanisms have been identified, detailed information is not
available for making predictions of the environmental behavior of Cd. At low Cd
concentrations (<10-5 M), Cd is specifically adsorbed by crystalline and amorphous
oxides of Al, Fe, and Mn. At higher Cd concentrations (<10-5 M), nonspecific
adsorption is the likely controlling mechanism. Metallic (Cu, Pb, Zn) and alkaline
earth (Ca, Mg) cations reduce Cd adsorption by competitidn for available specifié
adsorption and cation exchange sites. The presence of ligands such as C1~ and SO%'
may decrease Cd adsorption while 5,03 has been shown to increase adsorption. These
effects result from the relative stability of Cd-ligand versus Cd-surface complexes,
the possible adsorption of Cd-ligand, and the effects of ligands on the charge
distribution of the adsorptive surfaces.

RELATIVE STABILITY OF SOLID AND AQUEQUS SPECIATION

Cadmium in aqueous solutions exists only in the +2 valence state. Lindsay (1979)
calculated the relative stability of Cd compounds. His calculations show that at pH
values <7.5 most Cd compounds are more soluble than Cd levels found in soils
(1077M). Under basic conditions, Cd3(P0g)s or CdCO3 are likely to maintain Cd

levels in soils.

To determine the relative abundance of Cd(Il) species in ground waters representa-
tive of leachates, activities of different Cd species in equilibrium with Cd*Z =
10’7 M or controlled by octavite were plotted (Figure 9-1) using the thermodynamic
data (Ball et al. 1980) contained in the geochemical code MINTEQ (Felmy et al.
1983). Under the assumed conditions (Figure 9-1), cd*2 followed by CdSOg is the-
dominant aqueous species in ground waters of pH values <8.2. At pH values >8.2,
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Figure 9-1. Activity of different cadmium species when o
Cd2* = 1077 or controlled by octavite (CdC03) and when
S08™ = €17 = 1073, NO3 = F~ = 1074, Br~ = I” =

10~° and C0,(gas) = 10-3-52 atmospheres.

’

CdCO% species are dominant. With the exception of CdC1t which contributes
approximately 10% to the total Cd at pH values <8.2, other Cd complexes with Br-,
F-, NO§, 1=, and OH- do not contribute significantly to the total Cd in solution.

PRECIPITATION/DISSOLUTION

Several studies show that CdCO3 1imits Cd solution concentrations in alkaline soils
(pH > 7). Cavallaro and McBride (1978) and McBride (1980) clearly demonstrate that
CdCO5(s) precipitates in calcareous soils (pH >7.8) even though adsorption reactions
predominate in soils of neutral or acidic pH. Street et al. {1977, 1978) based on
solubility measurements of Cd in alkaline soils, showed that Cd concentrations were
Jimited by the solubility of CdCO3. Jenne et al. (1980) working with the waters
associated with abandoned Pb and Zn mines and tailings piles, also indicate that the
upper 1imits on dissolved levels of Cd in most waters were controlied by CdCO3.
Levi-Minzi et al. (1976) observed that the interaction of Cd2* with calcareous soils

was not adequately explained by physical adsorption alone. Although Levi-Minzi
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¢ al. (1976) were unable to identify a Cd-solid phase which precipitated, they were
ble to demonstrate that chemical interaction was occurring.

Bntillan-Medrano and Jurinak (1975) observed that activity of Cd in Cd-amended
pils was lowest in calcareous soils. At higher concentrations (»>5 x 10-6 M),

M3(PO4)2'or CdCO3 were observed to control Cd concentrations. Street et al. (1977)
mggest that CdCO3 and Cd3(POg)p most likely limit Cd2* activities in soils.

drost and Griffin (1977b) suggested that precipitation may be responsible for the
removal of Cd from landfill leachates when pH >6. Baes and Mesmer (1976) suggested
#at (Ca-Cd)CO3 solid solutions are expected and may be an important mechanism in
ontrolling Cd concentrations in calcareous soils. '

DSORPTION/DESORPTION

In contrast to other transition series metals, the adsorption of Cd (Table 9-1)

offten correlates with the cation exchange capacity (CEC) of the soil (John 1971;
levi-Minzi et al. 1976; Navrot ét al. 1978; Petruzelli et al. 1978; Sidle and Kardos
977; Singh 1979; McBride et al. 1981). At low solution concentration of Cd,
gsorption correlates with exchangeable Ca, Al, or In (John 1971; John 1972;

feBride et al. 1981), a further indication of .an jon exchange mechanism. Although
grganic matter may influence adsorption of Cd by soils and sediments (John 1971;
tevi-Minzi et al. 1976; Sidle and Kardos 1877; Singh and Sekhon 1977a), this effect
is probably due to the CEC of the organic material rather than to complexation by
erganic ligands (Singh and Sekhon 1977a). In fact, removal of organic material from
Qoi\s does not markedly reduce Cd adsorption and, in some cases, may enhance
adsorption {(Petruzelli et al. 1978). The adsorption of Cd by soil or subsoil
materials may, to a large degree, be an exchange reaction with Ca or Mg. However,
¢d appears to be selected over Ca (Milberg et al, 1978). Specific adsorption to
calcite (McBride 1980) and hydrous oxides of Al and Fe (Kinniburgh et al. 1977;
Forbes et al. 1976; Benjamin and Leckie 1981) does occur and may be the most

important adsorption mechanism at low environmental concentrations of Cd.

As with other cationic metals, Cd adsorption exhibits pH dependency (Table 9-1).

The effect of pH on Cd adsorption by soils (Huang et al. 1977), sediments (Reid and
McDuffie 1981), clay minerals (Farrah and Pickering 1977; Frost and Griffin 1977b), *
alumina (Kinniburgh et al., 1977; Kinniburgh et al. 1976, Benjamin and Leckie 1980a),
silica (Schindler et al. 1976; Stumm et al. 1976; Benjamin and Leckie 1980), and Fe
oxides (Balistrieri and Murray 1982, Forbes et al. 1976, Gadde and Laitinen 1974,
Kinniburgh et al. 1977) is influenced by the solution:solid ratio, the solution

(
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concentration of Cd, and the presence of competing cations or complexing ligands.

At Tow Cd solution concentrations, sharp adsorption grqdients as a function of pH
indicate that specific adsorption (i.e., surface complexation), occurs. Under
comparable experimental conditions, the adsorption edge falls at higher pH than that
of Pb, Cu, and Zn. This order is consistent with the pH of hydrolysis of metals.

At higher Cd concentrations or in the presence of competing cations such as Mg, the
adsorption edge is less defined and nonspecific adsorption or exchange is likely the
controlling mechanism.

Competition between cations for adsorption sites strongly influences the adsorption
behavior of Cd (Table 9-1). The presence of Ca, Mg, and trace metal cations reduces
the adsorptibn of Cd by soils (Cavallaro and McBride 1978; Singh 1979), clay

-minerals (Stuanes 1976; Bittell and Miller 1974; Farrah and Pickering 1977), Fe

oxides (Balistrieri and Murray 1982; Benjamin and Leckie 1980); Mn oxides (Gadde and
Laitinen 1974); and alumina (Benjamin and Leckie 1980). The extent of competition

between Cd and other ions depends on the relative energies of interaction between

“the ions and the adsorbing surface, the concentrations of the competing ions, and

solution pH.

The relative stability of Cd-ligand versus Cd-surface complexes, the possible
adsorption of Cd-ligand solution complexes, and the effect of ligands on the
electrostatic conditions at the solution/solid interface are factors influencing the
adsorptive behavior of Cd. The adsorption of Cd by clay minerals (Garcia-Miragaya
and Page 1976; Egozy 1980), lepidocrocite (a-FeQOH), amorphous Fe203 H20, silica, or
alumina (Benjamin and Leckie 1980) is reduced by the presence of chloride

(Table 9-1). In contrast, the adsorption of Cd by geothite (a-FeOOH) is not signi-
ficantly affected by chloride concentrations exceeding 0.5 M (Balistrieri and Murray
1982). Sulfate reduces Cd adsorption by amorhpous Fe,03 Hy0 {Benjamin and Leckie
1982). Thiosulfate, however, increases Cd adsorption. The increased adsorption,
especially below pH 7, is consistent with the adsorption behavior of free Sp05 on
these surfaces and implies binding of Cd-thiosulfate complexes. The addition of
EDTA inhibited the adsorption of Cd by A1(OH)3, and Fe(OH)3, and clay minerals at
all pH values (Chubin and Street 1981). Extracts of water soluble constituents from
sewage sludge and organic soil enhance Cd adsorption at higher pH and reduce it at
low pH (Chubin and Street 1981).

The soil organic fraction does not demonstrate marked affinity for Cd:(Table 9-1).
Clay minerals with adsorbed humic acids (organo-clay complexes) do not adsorb Cd in

excess of the clay minerals alone; clay minerals, however, coated with Fe or Al
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oxides are considerably more effective (Levy and Francis 1976). The adsorption of
Cd by clay-humic acid mixtures is equivalent to the sum of the uptake by individual
adsorbents (Hatton and Pickering 1980). ~

At Tow Cd solution concentration, Cd is specifically adsorbed through surface
complexation of Cd2t and CdOH* by amphoteric surface hydroxyl sites (Davis and
Leckie 1978; Balistrieri and Murray 1982). Oxides of Fe have a strong specific
adsorption capacity for Cd. When surface coverage is high, Cd retention in soil and
sediment is controlled by ion exchange (Navrot et al. 1978; McBride et al. 1982) in
which Cd2* competes with exchangeable CaZt and Mg2*. The ionic radius of Cd2t is
comparable to that of Cal* and rapid exchange of the two elements may occur.

The specific adsorption of Cd by soil appears to occur at select limited binding
sites on Al,03, FeOOH, and Fe203-H20(am)* (Levy and Francis 1976; Benjamin and
Leckie 1980) or on edge sites of layer lattice silicates (Levy and Francis 1976).
The addition of Cu or Pb, which are more strongly adsorbed, slightly reduces Cd
adsorption by Al,03 and FeOOH suggesting that Cu and Pb are preferentially
adsorbed by different surface sites (Benjamin and Leckie 1980). In contrast, Zn
almost completely displaces Cd, indicating that Cd and Zn compete for the same group
of binding sites. On iron oxyhydroxide, Cd, Cu, Zn and Pb each adsorb
preferentially to different surface sites (Benjamin and Leckie 1980).

*Fe-oxides may exist as coatings on clay-sized minerals (Jenne 1977).
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L Table 9-1. ADSORPTION CONSTANTS FOR CADMIUM
Adsorbent Adsorbate Electrolyte Adsorption Measurements Reference
CEC S.A,
Identlfled(a) maq/100g mz/g Conc,, M Identity Conc,, M pH Consfan?s(b) Valua(C)
Clay Minoratls
Montmor | [ fonl te, - T A T R A - 6.5- Ke, I/N,a,  5.68, 0.69, 0,06 Garcla-Miragays and
Na-form 7.0 b, Am, KL 16,93, (0.7, 7.8) Page 1976
NaCIO4 0,01 6.5~ " 4,98, 0,74, 0,05,
7.0 10,46, (0.5, 7.7)
0,03 6.5- n 1,81, 0.74, 0.05,
7.0 .2,76, (0.4, 7,2)
0.05 6.5- " 0.86, 0,86, 0,02
7.0 0,93, (0.4, 6.8)
0.17 6.5- " 0.51, 0,76, 0,03,
7.0 0.55, (0,2, 6.9)
1.0 6,5- " . 0,31, 0.51, 0,07
7.0 0,28, (0.3, 6,1
NaC | 0.01 6.5- " 44,56, 1,57, -0,12,
7.0 10.46, ( -, =)
0.03 6.5~ " 0.43, 0,79, 0,02,
7.0 0.44, (0,4, 6.3)
0.05 6.5- n 0.34, 0.89, 0.0,
7.0 0.4t, (0.3, 6.3}
0.17 6,5~ " 0.16, 1.,0t, -0,01,
7.0 0,16, (0,1, 6,7)
1.0 6,5~ " 0,09, 1,26, ~0,01,
7.0 0,10, (0,2, 5.6)
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Table 9-1 (Contd).

ADSORPTION CONSTANTS FOR CADMIUM

Adsorbent Adsorbate Electrolyte Adsorptlon Measurements Reference
(a}) (b} (c)
Identitied mag/100g m” /g Conc,, M Identlfy Conc., M pH  Constants Yalue
Clay Minerals (contd) 6.9
Montmori ltonlte, 10°°*7 - 10 NaZSO4 0,03 6,5~ KF' I/, a 3.90, 1,03, 0.00 Garcla-Miragaya and
Na-torm 7.0 b, Am' KL 3.64, (0.9, 6.7) Page 1976
0,05 6.5~ " 0.74, 0,78, 0,03
7.0 0.85, (0.8, 6.3)
0.075 6.5~ " 0,63, 0.82, 0,04,
7.0 0.63, (0.7, 6,2)
-4.7 .
Bentonlte 0- 10 Seawater ~0.7 8.0 Am' K (1.2, 6,2
Montmoriilonlte NaCl +
Na-torm 10722 N2OAC 0.1, 0.1 5.2 A, K, 10, (1,5 Egozy 1980
073! 0.1, 0.1 6.4 A, K| 10, (12)
10;"5 0.1, 0,1 5.2 A Ky 1, 3.3
'04'2 0.1, 0.1 6.4 A, K, 1, 3N
w;o 0., 0.1 5.2 A Ky 0.1, (6)
10°° 0.t, 0.1 6.4 A, Kd 0.1, (90)
1078 - 1077 NaNO, + 1.0, 0.01 5.0 K 8
NaOAé 1.0, 0,01 6.5 Kd (100)
0.1, 0,01 5.0 Kd {40)
0.1, 0.01 6.5 Kd (270)
1078 - 1077 NaNO+ 0.0, 0,01 5.0 K (210)
NaOAe 0,01, 0,00 6.5 Kd (900)
NaCl + 1,0, 0.0t 5.0 Kd (<0.5)
NaOAC 1.0, 0.0t 6.5 Kd (1.5
0.1, 0,0t 5.0 K, 9)
0.1, 0,01 6.5 Kd (100)
0,01, 0,0t 5.0 Kd {130)
0,01, 0,01 6.3 Kd (900)
Montmorol lonlte, 109
Na-torm , Trace  "Cd Ca(NO,) 0.01 - Kd 59 Levy and
+ H.A.,(a) 3.3 mgC g- Trace Cd Ca(NO})2 0,08 - Kd 56 Francls 1976
109
Ca-form . Tracemng Ca(NOB) 0.01 - Kd 104
+ HA, 6,4 mLC g Trace Cd Ca(NOs)z 0,01 - Kd 89
109,
Al-torm Tracewng Ca(NO. )2 0.01 - Kd 33
+ HAL, 12,5 mgC g Trace 0°Cd CatNOy), 0.0t - K 52
109
Fe-form ) Trace|09Cd Ca(NO,) 0.01 - Kd 43
+ HA,, 143 mC g Trsce Cd Ca(NOB)z 0.01 - Kd 6t

(2) Humic acid
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Table 9-1 (Contd).

ADSCRPTION CONSTANTS FOR CADMIUM

Adsorbent Adsorbate Electrolyte Adsorptlon Measurements Retference
(a) CeC .SiA' (c)
ldentitied mq/100g m /g Conc,, M Identlfy Conc,, M pH  Constants Yalue ¢
Ctey Minerals
Montmoritionlte, 109
Al(OH)}—coa'rsd - Tracewng Ca(NO )2 0.01 - Kd 614 Levy and Francis
+ H.A,, 3.3 mgC g-] - Trace Cd Catho,),  0.0% - Ky 376 1976
Fo (OH) j-coatad - Trace'%%4 CotNo),  0.01 - K 222
tHA 2.0mgL g - Trace Cd Ca(NO,),  0.01 - K 150
Montmorillonlte 70 0,0005 ~ 0.05 )‘,CI- 0,01 - 0,1 5-6 Am' 310, 2.9) Stuanes 1976
- In
0.025 - 0.075  ICI 0.1 56 Koy 2.0-2,25
0.0025 - 0.0075 JFCi 0.01 5-6 1,.62-1,70
- Mn
0.025 - 0.075  §CI 0.1 5-6 Koy 1,75-2,08
0.0025 - 0.0075 7FCI 0,01 5-6 1.33-1.54
- Cd
0.00025 - 0.075 §CI 0,01, 0.1 5-6 '949 99—
Kaollnite 4 0.005 - 0.05 Tc1- 0.01 - 0.1 56 A (16, 2.8)
0.0025 - 0,075  gc1” 0.01, 0.1 s-6 K7, 1.25-1.54
0.025 ~ 0.75 sC1 0,1 5-6 KMgd 1,25-1,34
0.0025 - 0,0075 5CI~ 0,01 5-6 1.38-1,51
0.025 - 0,075  §Ci~ 0.1 5-6 Kg; 10.5-19.7
0.0025 - 0,0075 §CI 0.01 5-6 10,5-27,0
Vermicullte 70 0.005 ~ 0,05 e 0.01 - 0.1 5-6 A (440, 2,7)
0.025 - 0,075  1CI” 0.1 s-6 K2 3,83-5,54
0,0025 - 0,0075 TCI 0.01 5-6 4,38-5,82
- Mn
0,025 - 0,075  fCI_ 0,1 56 Kog 1,33-1,61
0.0025 ~ 0.0075 ECI 0,0t 5-6 1,22-1,25
- Cd
0.0025 - 0,075 £CI 0.0t, 0.1 5-6 99
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Table 9-1 (Contd). ADSORPTION CONSTANTS FOR CADMIUM

Adsorbent Adsorbate Electrolyte Adsorption Measurements Reference
CEC S,A.
ldenﬂflsd(a) /100 mi/ Conc M fdentit Conc M Consfanfs(b) Value(C)
meg/0% m /9 L) Y ¥ .
Clay Minerats
Montmor |1 fonl te 96 - 0.005 - 0,05 Ter” 0,01 - 0.1 56 A K (460, 2.6) Stuesnes 1976
Feldspars:
Atblte - - 0.005 - 0.05 el 0.01 - 0.1 5-6 A K 2.9, 1.9
Mon tmor I 11on | fe 106 - - " 4.8- Kg:
Ca-saturated - T salts 10 6.5 1.2 : Bittelt and
Cd-saturated - §salts 107 0.87 Mitier 1974
Pb-saturated - 5. salts |O:i 4,8- Kg: 0.44
Cd-saturated - T salts 10 6,5 0,72
1111e, 15,4 - - . - a.8- Kg:
Ca-saturated - T salts |0_3 6.5 0,79
Cd-saturated - I salts 10 1,2
Pb-saturated - T salts lo:; 4.8- Kg: 0.47
Cd-saturated - 7. salts 10 6.5 0.65
Ca
Kaolinlte, 22 - - .3 4,8- KCd Blttelt and
Ca-saturated - T salts 10 6.5 0.85 Mlifler 1974
Cd-saturated - L salts |0_} 0.94
Pb-saturated - I salts 10:3 4,8~ xg: 0.28

Cd-saturated -

™

salts 10 6,5 0.34
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ADSORPTION CONSTANTS FOR CADMIUM

Adsorbant Adsorbate Electroiyte Adsorption Measurements Reference
CEC S,A,
. (a) 2 (b) (c)
tdentitied mq/100g m /g Conc., M Identlty Conc., M pH Constants Value
fe Oxldoas (contd) 5.2
Amorphous Fe(OH)5 - - 0-10 " Seawater ~0,7 8 Am' KL (4.9, 6.2) Oakley ot al, 1981
-7.7
Amarphous FeZO}-H?O - - 0-to NaNO3 0.1 6.8 KF' /N (.1, 1,00 Ban jamin and
. Leckle 1981
-1.7 -4
10 - 10 " " 6.6 " (0,065, 0.67)
" " ”" 6.9 n (0.15. 0.67)
" " " 7.2 " (0,32, 0.67)
-6.1 -2
Amarphous Fe 0}'H20 10 KNO3 10 8.5 Kd 180 Bruninx 1975
-Coprecipitation Synthatlc - - 80
river
water
M Oxides Synthetlc ~0.7 8.5 Kd 3.7
seawater
-4 -2.5
- Hydrous Mno2 - - 10 - 10 - - 6 Am, KL (2000, 2,0) Gadd and
} . Lattonen 1974
—
~ -3.5
Hydrous MnO2 - - 0-10 Seawater ~0,7 8 " (17, 6.3
11 Oxides
Tio, - - 1077 - - - K(':L" 7.2, 10.1 Davis and Leckie 1978
Int
Keaom
o, - - - NaC10, 1.0 - *XT10Cd, -3,2, -10,5 Stumm et al. 1976
'ﬂ(TIO)ZCd
Calcite 5.6 3
Fine - 0.49 10 5'6 - 10 3 - - 6-9 AL 32 McBride 1980
Coarse - 0.22 10~ 10 - - 6.9 Am 3.5
Organlc Material 3 2.4
Soil humic aclds - - o - zo'z'd - - 5.8 ALK 56.0, 2.6 Rittaldl and
- - 10 3 10 2‘4 - - 5.8 " 93.6, 3.2 tevi-Minzi 1975
- - 10 10 °° - - 5.8 " 86.6, 3.t
-4.,6 -3,
Poat 120 - 10 - 10 36 - ~4 Am' KL (190, 5.0 Bunz! et al, 1976
-3.2
Humic acid - - 0~ 10 Seawster Oakley et al. 1981

~0,7 8 Am' K (5.6, 5.0)
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Table 9-1 (Contd). ADSORPTION CONSTANTS FOR CADMIUM

Adsorbent Adsorbate Electrolyte Adsorptlon Measuremonts Reference
- CEC S,A.
(a) 3 (b) (<)
Identitled meg/100g m /g Conc,, M {dentify Conc,, M pH_ Constants Yatue -
Clay Minerals s
5102 - 160 NaClOd 1.0 6-8 "K' (S1-0Cd) -6.09 Schindler et al,
s 1976
'32 ((SIO)ZCd) -14,20
Int  int
K t.1, 3.0 tal,
KCd, CdOH ( , 3.1 Stumm et al 976
~6.3 Int int
a SlO2 - - 10 - - - KCd, KCdOH -, 5.0 Davis and Leckle 1978
Alumlna 6.3 Int lot
- - - 107" - - - "t 5.9, 9.7 Davl kie 197
a AI203 N}d, KcaoH avls and Leckle 1978
Fe-Oxldes 3.7 Int Int
reYxldes -3, n n
a-FeOOH (geothite} - - 10 - - - KCd, KCdOH 6.0, 9.3 Davis and Lecklie 1978
-3.6 Nt . Int
a-FeO0H - - 10 Seawater ~0,7 - KCd, KCdOH 9.1, 11,2y
O a-FeQOH - - - - - - K:: -3.8 forbes et al. 1976
t
- -6.3 Int Int

Amorphous Fezoj-Hzo 10 - - - KCd, KCdOH 5.8, 9.8 Davis and Leckie 1978




Table 9-1 (Contd). ADSORPTION CONSTANTS FOR CADMIUM

Adsorbent ‘__Adsorvate Electrolyte Adsorptlon Measurements Reference
CEC SaA.
(a) 2 (b) (e)
Ident|filed meg/100g m /g _- Conc,, M ldentity Conc., M pH Constants Value
Solt s 15 Sol |
Lansing A 6.6 - 10 - 10 5'5 - - 6.3 Am’ KL 20, 5.2 Cavallaro and
107 - 107" CaCt, 0.0) 6.3 1,0, 4.3 McBride 1978
¢ 9.5 N N L A - 8.4 ALK 20, 5.1
Mard(n A 5.5 - to': - 10';'5 - - a7 ALK 6, 5.3
107 - 1077 cact, 0.01 a1 o, -
-4 4 -3.1
30 Solls - composite - - 10 - 10 - - - Am’ KL 44, 4.9 ) John 1971
-5.1 -3.1

5 Organic soils - - 10 - 10 - - - " 46 + 6; 5.2 + 0.2 John 1972

8 Heavy clays - - " - - - n 43 +3; 5.0 + 0,2

12 Sandy and slit loams - - " - - - " 44 ¥ 6; 5.0 + 0.3

5 Sandy solls - - " - - - .o" 44 + 3; 4.8 + 0,3
O
)
S Al) solls - - " - - - " 44 +5; 5.0 + 0,3

Solt $Clay $0M. a4 e Solt
7.0 7.8 32.5 - 107" 21072 L - 1 ALK 90, 4.4 Lovi-Minzi ot al, 1976
16.1 2.7 27.5 19 AT K 78, 3.9
4.0 0.9 8.8 8.2 A, K 27, 3.8
6.8 4.2 20,0 7.9 Am, KL 69, 4.3
1.8 1.7 15.0 8.1 AL, K 38, 4,2
34.7 1.0 20,0 8.6 Am, KL 68, 3.8
10,9 3.0 17.5 8.5 AL K a1, 4,2
.0 2.0 16.2 8.3 AL K 40, 4.2
20,9 4.5 31,2 8.1 ALK 04, 4,4
14,9 4.2 30.0 7.7 Am, KL 89, 4.1
% 0.C. 2. Sol |
0.21 8.2 65 0107 NaCl 0.01 8.2 ALK 42, 3.8 Navrot et al. 1978
0.83 15.4 85 0107770 NGl 0.01 7.8 AL K 53, 4,4
0.23 18.9 13t 0- 1072 NaCl 0.4 8.3 A", K 57, -
0.79 31.8 226 0 - 102" NaC | 0.01 7.6 A Kt 62, 4.0
0.86 37.0 315 0 - 10724 NaCt 0.01 7.9 A'm", K 89, 3.6
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Table 9-1 (Contd). ADSORPTION CONSTANTS FOR CADMIUM

ke o

Adsorbent Adsorbate Electrolyte Adsorpilon Measurements Reference
CEC S,A.
(a) 3 (b) (c)
ldentifled meg/100q m /g Conc., M fdentify Conc., M pH  Constants Value
Soil % Clay £ O.M, 2.9 Soil
59.6 21,6 57.5 - 0-10 2‘9 - - 5.4 AL KL 62, 4.2 Paetruzeltl et al,
59,6 [ 23,7 - o-10"" - - 5.4 Am, KL 75, 3.9 1978
Cu-enriched soll 2.9
59.6 21,6 - - 0 -10"°"° - - - Am. KL 45, 3.0
-2.9
36,3 3.3 38.8 - 0~ 10 2.0 - - 6.7 Am, KL 54, 4.4
36.3 (] 1.3 - 0- 10" - - 6.7 ALK 34, 3.7
. -2.9
12,9 17.8 22,6 - 0 - to_z 0 - - 7.0 ALK 109, 4.8
12,9 0 15.4 - Q- 10" - - 7.0 Am' KL 54, 4,4
-2.9
18.9 3.9 21.5 - 0 - 10 2.9 - - 6.0 Am. KL 36, 4,1
18.9 [y} 13,1 - 0-10""° - - 6.0 Am, KL 46, 3.7
DeE?h 3 OM, 7.4 5.8
0-7.5cm 10,6 18.4 - 107707 - 10777 simulated - L2 ALK 0.02!, 6,7, Sidle and
1.4 5.8 sludge £ IN 0,048, 0,82 Kardos 1977
7.5-15 ¢m 5.4 8.4 - 10 - 10 ieachate 7.2 n 0,013, 6.5,

0.014, 0,71

$ Clay £0.C. aa .

0.0 0.6 6,96 - 0, - ‘°-3'| Kci 0.1 7.0 ALK 7.5, 3.3

31.2 1.26 18.23 - 0, - |o_5'I KCH 0.1 7.0 ALK 22, 4.0

0.4 0.69 6.09 - 107 077t ket 0.1 7.0 A, K 8.5, 3.3

-4.4 -3.1 m L

24,6 0.75 12,18 - 0, - '0-5 X KCt 0.t 1.0 ALK 12,5, 3.5

20,2 0.76 10,44 - '0-4'4 - 10_5" KC! 0.1 7.0 AL KL 8,5, 3.4

5.5  0.33 3.83 - 0., - vo_s‘I xcl 0.1 7.0 ALK 6.5, 3.3

8.9 0.34 4,35 - 10 " -0 7" kCt 0.1 7.0 AL KL 7.0, 3.3
£ 0.C, .2 a2 Solt
3,98 9,01 - 1o " - 19 .- - a8 ALK (40, 7.5)
3,98 9.01 - 0. -102" - - 4.8 A, K (4,7, 6.2)
1.66 V.22 - w7 o - a3y A, Kt (0.6, 5.7
1,72 3,58 - 10! -0 - - a3 A, K (1.6, 5.9)
2.95 7.55 - 0T - 3.9 A K (1.4, 5.8)
4,23 6.98 - to:; - IO::'; - - 3.6 A, K (1.2, 6,2)
2.47 16,51 - IO__' - 10_5'7 - - 4,6 Am, KL (3.0, 5.8)
6.14 13,05 - |o_7 - 19_5'7 - - 4.3 Rm. KL (3.9, 6.0)
t,47 5,24 - 10_7 - '0—5.7 - - 4.3 Am. KL (2.7, 6.2)
2.24 11,81 - o - 10_5'7 - - 4.8 ALK (2.6, 5,8)
0,61 3,24 - 10 -10 " - - 4.2 A KL (1,4, 7,1

Singh and Sekhon
1977

Singh 1979




Table 9-1 (Contd). ADSORPTION CONSTANTS FOR CADMIUM

Pi-6

Adsorbent Adsorbate Elecfroiyfs Adsorption Measurements Reterence
CEC S,A. )
(a) Vi (b) (c)
Identitied meg/100g m /g Conc,, M Identify Conc.,, M _pH  Constants Value
Soli £ oM, .0 5o Sotl
0,72 60.0 - 10 "7 - 10-"" - - 8.4 Ke s /N, 23,2, 0,72 Garcla-Miragaya
a, b  0.20, 54,3 1980
16.3 33,8 - 1078% _ 49739 5.2 K, im, 7 .8, 0,66,
a, b 0.16, 16.0
1.8 25.0 - 10789 _ 4759 6.0 K, I/, 8.3, 0,95,
a, b 0.0, 9,7
1.5 23.8 - 10769 2 49759 5.8 K, I/N, 3.6, 0.63,
a, b 0.03, 15,5
5 Clay 1 0M, s Solt
10 1,79 4.7 - 10_5 - - 4.8 K. 2.5 McBride et al. 1981
29 0.12 5.1 - 0 - - 4.5 o 0.8
5 131 3.9 - 10~° - - 48 1.0
15 0.36 6.1 - 1072 - - 5,0 2.3
2 1,15 2.2 - 107’ - - 5.0 0.7
3 0.15 1.2 - 1072 - - 5.2 n 0.7
9 7.33 23,2 - 10°° - - 6.0 n 13,5
20 2,90 11,1 - 107° - - 6.0 » 6.0
15 2.43 11,2 - 1072 - - 6,8 v 13.5
21 1,02 10.3 - 1072 - - 7.3 n 10.5
15 2,91 11,5 - 107> - - 5,2 4,1
14 .22 8,4 - 1072 - - 5.0 v 2.4
17 2,50 14,9 - 107 - - 5,7 n 6.5
19 0.88 18.2 - o7 - - 6.0 n 8.0
5 3.4 7,4 - 107> - - 4,1 1.2
7 0.28 3.0 - a0 - - 45 n 0.5
26 4,95 20,9 - 107> - - 5,0 n 10,0
52 1,09 14.4 - 107 - - 5.7 n 11,5
-7 6.1 Cd
Al-saturated 59 - 10 - 10 AlCI3 0,002 - 0,2 4.3 KM 0.01340.003 Lagerwortf and
-7 ~6,1 cd Brower 1972
205 107 '-- 10 AlCH, 0,002 - 0.02 6.7 K 0.01240,007
184 1077 178! AICI 0.002 - 0,02 6.8 x‘:"’ 0.016+0,006
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ADSORPTION CONSTANTS FOR.CADMIUM

(a8) H,A, = humlc acld; OM, = organlic acld; 0,C, = organic carbon
ne A =ymol g '3 C = yM; &, b= Intercept, slope of tinear Isotherm; A = Langmulr adsorption maximum,

(b) KF’ 1/N = Freundlich constants for A = C

L

ol g- ; K. = Langmulr constant, log ﬁ_ , A= adfgr;pflon, uml g

1
A|,
{c) () = estimated values

KI = adsorption capaclty ymol g‘ and rate, hr

3 K, = distritution coefficlent, ml g~
P A, = lectivi coatflclent;

®S, 'ﬁ; = surface complexatlon constants, log; KM < intrinsic adsorption constants, log, Kc = aftinlty coeHlZlen?e; K?C = gfeﬁ?lon c‘ZSaény;

at dlfferent adsorption sites

Adsorbent Adsorbate Electrolyte Adsorption Measurements Reterence
CEC S,A, }
(a) (b) tc)
tdentifled meq/100g m /g Conc., M Identity Conc,, M pH  Constants Value
7 6.1 soll oy
Ca-saturated 59 - 10 -10 ° CaCl2 0.002 - 0,02 4,3 KCQ 3.440,4 Milberg et ai, 1978
205 - w7 o0 e, 0.002 - 0,02 6,7 Kg: 1743
-7 -6.,1
184 T A T cect, 0.02 - 0.002 6.8 K 2446
Sadlment 6
Coastal, marlne - - 10 Seawater ~0.7 8.1 A K 1) 0.025, 157 Hardy et al, 1981
Ay K, 2) 0,017, 1,33
Age Ky 3) 0,014, 0,046
Ay X, 4) 0,009, 0,005
TA 0.065
-7.7 -5.8
River - - 10-7 5 - 10 River - 7.3 Am, KL (2,0, 5.2) Gardiner 1974
10_7.7 watar 8.0 Kd' 6,1+0.8
‘o n n " 25.0
10-7'} " " " |}‘0
|o'.6'9 " " " 8.0
|0-6‘3 " " " 2.6
'0'5'3 " " " 1.2
River, Slze, mm % O.M, 6.1 3.8
0.44 0.6 - - 10 6'7 10’3'8 - - ~1.5 A, K 17, 5.4 Ramamoorthy and
0.007 3.2 - - 10 ‘7 - 1027 - - "L K 173, 5.4 Rust 1978
0.125 5.2 - - 10‘2'7 IO_;': - - "A K 29, 4.5
0.16  35.7 - - 10” ’7 107" - - "L K 31, 5.4
0,27 2.4 - - 10787 L1738 L - " oA,K 10, 5.2
-6.7 -3.8 m L
0.011 1.3 - - 0., 10 - - ALK 83, 6.0
0,18 9.9 - - 100" 10738 - tAL K 37, 4.4
$Clay $ OM, a1 5
12.6 3,34 - - 10 4" 10 3'1 - - .0 ALK (36, 4.3) Duddridge and
13,2 3.7 - - 10_4'1 10_}" - - T4 ALK (30, 4,4) Wathwr Ight 1981
3.6 0.81 - - 10 4" - 10 s'l - - 6.8 AL K (27, 4.2)
4.9 1.06 - - 10 o - - 7.1 Am, K €26, 4.0)

fn

oy f-,.v,-m.’,.,v.
i
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Section 10

CHROMIUM

Chromium exists as Cr(IIl) and its hydrolysis products under reducing and moderately
oxidizing conditions whereas under strongly oxidizing conditions it exists as
Cr(VI). Attenuation mechanisms of Cr have not been extensively studied. However,
Cr(II1) and Cr(VI) exhibit marked differences in their geochemical behavior.

In addition to precipitation [as Cr(OH)3 and possibly as divalent metal chromites],
Cr(III) is strongly adsorbed by soil minerals through specific adsorption and ion
exchange. In contrast, Cr(VI) exists as an anion (CrO%') and is specifically
adsorbed by iron oxides under acidic pH conditions (pH <7). Thus, chromate exhibits
significant subsurface mobility under neutral and basic pH regions, and is adsorbed
moderately by acidic subsoils that are high in iron hydrous oxides. The catalytic
reduction of Cr(VI) by soluble organic ligands and particulate organic material, and
oxidation of Cr3t by soil Mn oxides are important mechanisms influencing the

environmental chemistry of Cr.

RELATIVE STABILITY OF SOLID AND AQUEOUS SPECIES

Chromium is a multivalent element; in the environmental range in Eh and pH, only +3
and +6 valence states of Cr are important. The Cr(III) stability field extends over
a wide range in pH and Eh, whereas Cr(VI) occurs only under strongly oxidizing
conditions. Therefore, under moderately oxidizing to reducing conditions, Cr(III)
minerals are expected to be more stable than Cr(VI) minerals. The solubility of
Cr(1I1) minerals at moderately oxidizing conditions (pe + pH = 10) is given in
Figure 10-1. Among the oxides and hydroxides, Cr,03 is the least soluble.

Chromites (XCroOgenHp0, where X = divalent cation) are known to readily form under
taboratory conditions. However, MgCr204’at pH <10 is more soluble than Cr,03.

Among all the Cr(IIl) solid phases for which data are available, FeCrp04 is the
least soluble compound at pe + pH < 14, Because FeCro04 is a common Cr(III)
mineral, it is likely to be the solubility-controlling solid phase under slightly
reduced conditions (Table A-5).

Figure 10-2 represents the solubility of Cr under oxidized conditions (pe + pH =
18). The chromates {(XCr0g.nH20), especially BaCrOgq, PbCr0O4, and AgpCr0g, readily

10-1




2-
4

LOG CrO

LOG Cr(OH);

-14
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Figure 10-1. The solubility of various Cr minera§§
at a fixed redox potential (pe + pH = 10) whe9+Fe
activity is controlled % Be(OH)3(am), and Mg
activity is fixed at 10-°-Y,

12
14
.16 i ! A 1 | I | | 1
2 3 4 6 7 8 9 10 1M 12
pH

Figure 10-2. Solubility of Cr m}nera]s at pe +
pH = 18 as a function gf PH.  Pbt activities
were assumed to be 1077 or controlled by

PbCO3 (whichever was lower).
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precipitate from solutions. Under environmental conditions, Ba2* and Ag* aqueous

activities are so low that their corresponding chromates will be too soluble to be a
solubility-controlling solid. However, lead chromate may be of importance and would
maintain low concentrations of Croﬁ‘ at pH <8 when the aqueous Pb2+ activities are
assumed to be controlled by PbSO(c) [at pH < 6 and S0§™ = 103 M] and PbCO4(c) [at
pH > 6 and COp 0.0003 atm]. The solubility of Crp03 decreases with the decrease in
pe + pH. The Cr,03 is a possible solubility control and would also maintain very
Tow concentrations of Cr0j~, especially at pe + pH values <16.

Figures 10-3 and 10-4 represent the aqueous speciation of Cr in equilibrium with
Cro03(c) at various redox potentials. At pe + pH = 10 (Figure 10-3), Cr3(0H)2+
appears to be the dominant ion below pH 4.3. However, thermodynamic data regarding
the polynuclear speciés are judged to be unreliable because they predict unrealistic
solubilities at low pH (activities of Cr,(oH)3* and Cr3(0H)2+ at pH 2 are 103:96 and
107-37, respectively). Disregarding the polynuclear species, CrfF2+ and Cr3+ are
dominant below pH 4.2, with the Cr(III) hydrolysis species being predominant at
higher pH values. Chromium(I11) complexes of SOE', HoP0Z» ct-, NO3» and Br- are not
expected to contribute significantly to the total aqueous Cr concentrations in
natural environments. The Cr(VI) species are not important at pe + pH = 10, but
will become important in-alkaline solutions when the redox potential is increased to
pe + pH = 12. As the redox potential is further increased to pe + pH = 18

(Figure 10-4), the Cr(VI) species HCrOz, Cr0z~ and KCrO; become important at pH
values >4.5. Because equilibrium with Cro03 1S assumed, the position of lines for
Cr(111) species are unchanged (only the Cr3* and hydrolysis species are given in
Figure 10-4). The Cr(III) species are predominant at pH values <4.5.

PRECIPITATION/DISSOLUTION

A literature search did not reveal any studies where Cr compounds were identified as
controlling aqueous Cr concentrations. However, several investigators (Krauskopf
1956; Bartlett and Kimble 1976a, 1976b; Hem 1977; Griffin et al. 1977; Cry and Olson
1977) present evidence that suggests the formation of solubility-controlling solids
of Cr(IIl). Krauskopf (1956) quoted by Matzat and Shiraki (1978) concluded that Cr
concentration in sea water is probably controlled by Cr(OH)3. Hem {1977) looked at
the ground-water composition (reported by Robertson 1975) from Paradise valley,

I3

Arizona and stated that the values are close to the solubility of Crp03. Most of
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Figure 10-3. Concentrations of various Cr solution species in
equilibrium with Cry03(c) at a fixed redox potential (pe +
pH = 10)., Assumed activitieg of ligands are as gollows:

Br- =

LOG CONCENTRATION

28 V502- = C1- = 10- 22 10-
10-4, S03= = €1 = 1073, and H,P0; = 10

0

CrOsHPO.*>"

-10

L~ CrO3H.PO;
-12
A4 f
16 1
2 3 4 5 6 7 8 9 10 11 12
pH

Figure 10-4. Concentrations of various Cr solution
species in equilibrium with Cro03 at pe + pH = 18.
Assumed activitieg gf ligands were: Na‘ = k¥ = 10-3,
and total P2= 10722,
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the Cr(I11) solubility-controlling solids are either thought to be Cr(OH)3 or
Cr(I1I) coprecipitated with Fe oxides, These suggestions primarily arise from:

° the thermodynamic treatment of the data where the solubility of the
chromite $Fecrﬁ04) is predicted to be the lowest among the Cr
minerals for which the data are available (Hem 1977)

. the simple laboratory experiments where the pH of the acidic
solutions containing fairly high Cr concentrations was adjusted to
higher values (Bartlett and Kimble 1976a, 1976b; Griffin et al.

1977)

) the similarity of Cr(III) ionic radius to Fe and the observations
that aqueous Cr(III) is removed by Fe(OH)3 precipitation and that Cr
during weathering is found to associate with the ferric-rich
materials, such as podzolic B horizons, laterites and bauxites and
iron oxides (Matzat and Shiraki 1978; Grove and Ellis 1980; Nakayama
et al, 198la, 1981b; Plotnikov and Safonov 1979).

“Hem (1977) suggested that structures similar to chromite (FeCr,04) with Mn replacing

Fe may also exist but thermodynamic data for these solids are not available. The
above studies show the importance of Fe oxides in possibly controlling Cr
concentrations and also indicate the lack of accurate solubility data for different

solids.

ADSORPTION/DESORPTION

The aqueous environmental chemistry of chromium is complicated by the presence of
two oxidation states: Cr(IIl) and Cr(VI). These, in turn, exhibit contrasting
adsorption behavior in soil and subsoil because of their valence. Chromium(III)
exists as a cation, Cr3+, and Cr(VI) as an oxyanion, Crog', and, at high
concentration (>1’0'2 M Cr), as Cr202'. The chromous (Cr*3) ion and its hydrolysis
products and chromate (Crog', HCrOa) are the prominent species of concern in utility
waste leachate and substrata. The theoretical equilibrium log ratio of
Cr(vi)/Cr(1I1) is 20.5 under pH and pe conditions found for most oxygenated waters
(MacNaughton 1977); this ratio is not expected to differ appreciably in surface
soils. Nonequilibrium conditions may exist between these species. In addition,
chromium speciation measurements in marine waters indicate significant concentra-
tions of Cr(1II) (Emerson et al, 1979). Other factors, notably reducing substrates
in soil, subsoil, and geologic substrate, may be more important in controlling Cr

speciation than the oxidation-reduction potential in solution,

cr(lIl)

The adsorption of Cr(III) in soils has not received widespread research attention.
Because of its rapid hydrolysis, precipitation as the hydroxide Cr(0H)5, and
coprecipitation with Fe(OH);, the attenuation of Cr(IIl) soil is normally ascribed
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to solid phase formation (Hem 1977, Artiola and Fuller 1979). Adsorption, however,
is an important mechansism at lower pH (<4.5) and Cr concentration (<10-6 M)

(Table 10-1). Limited studies infer that Cr(IIl), like other cationic heavy metals,
is strongly and specifically adsorbed by soil Fe and Mn oxides (Korte et al. 1976),
but at higher concentrations may undergo exchange reactions with layer lattice
silicates (Griffin et al, 1977). By analogy to other hydrolizable metals and based
on limited evidence (Nakayama et al. 1981a), organic material may also be an
important adsorbent in soil., Chromium(III) adsorption may be influenced by Mn
oxides which may catalyze oxidation to Cr(VI) {(Bartlett and Kimble 1979, Nakayama

et al. 1981b).

Chromium(III) adsorption increases with increasing pH (Table 10-1). On silica, this
increase reflects a decreasing positive charge density of surface silanol groups and
more favorable coulombic interaction between hydrolyzed Cr(I111) and the oxide
surface (James and Healy 1972a). The predominant adsorbing species of Cr{(III) on
silica are estimated to be: pH < 1.9, Cr*3; pH 1.9-5.0, CrOH2+; and pH > 5.0,
Cr(OH)§ (James and Healy 1972b). Cation exchange of hydrolysis species with a lower
charge density to metal ratio [e.g., Cr(OH)2*, Cr(0H)3, Crz(OH)£+, or Cr6(0H)?§]
allows more Cr(III) to bind, electrostatically, to fixed charge sites on layer
lattice silicates with increasing pH {Griffin et al. 1977).

Organic ligands may form stable aqueous complexes with Cr(II1) and reduce adsorption
(Nakayama et al, 198la). Certain organic acids appear particularly effective. For
instance, ascorbic and citric acids reduce Cr(I111) adsorption to amorphous Fe
oxyhydroxide in seawater (~pH 8) by 80 to 90% (Nakayama et al, 198la). Several
inorganic ions, however, may reduce organic compiexation of Cr{111) under acid (C1-)
and basic (MgZ*, Ca*Z) conditions when present in high concentration (>10-3 M)
(Nakayama et al. 1981a). In soil, subsoil, and ground water, soluble humic and
fulvic acids may modify Cr(III) adsorption by complexation,

cr(vl)

The adsorptive behavior of Cr(VI) in soil is not well documented., Several column

attenuation studies (Table 10-1) qualitatively indicate that chromate (Croz‘) is
relatively mobile through soil and that soil materials high in secondary hydrous

oxides of Fe and Mn are more effective adsorbents (Korte et al. 1976, Artiola and
Fuller 1979). Most information on Cr(VI) adsorption comes from studies with pure
mineral phases; these suggest that soil wminerals with high isoelectric points

fe.9., aAl 03, Fep03-Hp0(am)], iron oxides in general, and clay minerals to a lesser
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extent, adsorb Cr(VI) at low-to-medium pH levels (pH 2 to 7) (Leckie et al, 1980,
pavis and Leckie 1980, MacNaughton 1977, Mayer and Schick 1981, Griffin et al.

1977).

Chromate adsorption on model absorbents is strongly pH dependent and is affected by
ionic strength and the surface protonation characteristics of the adsorbent,
Chromium(VI) adsorbs weakly on Si0, (pHygp = 2.0), which has a negative surface
charge at all but the lowest pH values, and strongly on aAl1203 (pHpgp = 9.0) and
Fe,03<Hp0(am) (pHigp = 7.5) which carry positive charge over a greater pH range
(MacNaughton 1977, Davis and Leckie 1980). Adsorption on TiOp (pHigp = 7.0) is
significantly less than Al and Fe oxides (MacNaughton 1977). On aAl1,03 and
Fe203-H20(am) fractional adsorption may rapidly decrease from near 100% at low-to-
intermediate pH values (5 to 7) to near 0 at pH 8 (MacNaughton 1977; Davis and
Leckie 1980). Increasing electrolyte concentrations (10-3 to 10-1 M) reduces Cr(VI)
adsorption by amphoteric model adsorbents (oxides) through reduction in surface

L

g electric potential (Mayer and Schick 1981, MacNaughton 1977; Davis and Leckie
. 1980).1In contrast, increasing electrolyte concentration and compression of the
g electric double layer may lead to increased Cr(VI) adsorption in layer lattice
& silicates with predominantly negative charge (Griffin et al. 1977).

O
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The presence of competing and, less commonly, complexing ions may significantly
alter Cr04' adsorption. ' Although 504' is absorbed less strongly on Fe203.H2(am)

than Cr02;, s02- may compete for adsorption sites when present in higher concen-
)

tration (Leckie et al. 1980). Phosphate exhibits a more substantial effect on CrOE'

adsorption by a-Al,03 (MacNaughton 1977), reducing sorption by around 50% when

present in equal concentration. Information on effects of complexing ions on Cr(IV)
sorption is almost nonexistent, though adsorption of ion pairs (e.qg., CaCrog
KHCrOQ) is suggested as one possible mechanism for high removal of Cr(VI) from fly

ash leachate by Fep03-Hp0(am) (Leckie et al. 1980).

s imewe o
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Surface complexation or site-binding models (Davis 1978; Davis and Leckie 1980;
Benjamin and Bloom 1981) suggest two plausible surface reactions which may occur
during adsorption of Cr{VI) on Al and Fe oxide surfaces (Table 10-1):

+ 2- -
SOH5 + Cr0g SOH,Croy

SOH5 + HCr0z  SOHCrOgH
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In spite of its lower isoelectric point, Fep03+Hp0(am) adsorbs CrOZ‘ more strongly
than Al,03 (MacNaughton 1977, Davis 1978). Chromium{VI) adsorption on layer lattice
silicates follows the Langmuir isotherm; when calculated on a surface area basis,
montmorillonite and kaolinite adsorb comparable amounts of Cr(v1l) from landfill
leachate {Griffin et al. 1977). The adsorption capacity of clay minerals varies
with pH but ranges between 0,29 to 3.67 umole/g for kaolinite and 0.98 to

12.8 umole/g for montmorillonite (Table 10-1). The adsorption behavior of Cr(VI) in
soils is complicated by redox changes which may occur concurrent to adsorption. For
instance, Cr(VI) is likely reduced to Cr(III) in sediment by reaction with organic
material or, in some cases, HpS, and Cr(IIl) is then rapidly and strongly adsorbed
(Mayer and Schick 1981). A similar reaction may occur in soil at low pH and high
organic content (Bartlett and Kimble 1976b).

10-8




6-0T

ooy AT SRR L v S e

Table 10-1. ADSORPTION CONSTANTS FOR CHROMIUM
Adsor bent Adsorbate Electrolyte Adsorption Measurement Reterences
CEC S.A. )
ldent Lty meq/100 g m/q Conc., M identtty Conc,, M pH Consfanfs(a Values
Fo.0,+H,0 (am) - 182 10763 croviy NaNO 0,1 s-g k'™ 5.5, 6.5 Davls and Leckle
€273" "2 3 . Ccro,’ eTr e
tnt
KHcr04 » 1980
Fo,0,+H,0 (am) - ~182 1072 crev) NaNO; 0.1 a-9 Ké:‘_84, 6.8, 6.4  Benjamln and
Int
' KHCr04 Biloom 1981
-4 int
107% crovi NaNO 0.1 Koo » 9.3, 5.2
int
HCrO4
a ALLD - 204 10727 crovi) NaNO. 1073-10"%  3-10 k!t 3.1, 3.1 Davls 1978
273 3 cro
lnf4
KHCrO
4,0 _ . -2.2 4
Kaollnite 15,0 34,2 10 "*" - 10 ~* leachate
Cr(Vi) 3 Am 3.64 Grifffin
4 2.50 et al, 1977
5 2,22
7 0,98
KZCrO4 3 1.79
4 0.85
5 0.62
33 \ 7 0,29
1072 = 10718 |oachate
Cr(lil) 3,0 Am 96.3
4.0 283
Cr(N03)3 2,5 63,5
3,0 96,3
4,0 - 206

— e b 3T b
I R R SRR ‘?‘»%M
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Table 10-1 (Contd). ADSORPTION CONSTANTS

FOR CHROMIUM

Adsorbent Adsorbate Electrolyte Adsorption Measurement References
CEC SyA. ‘
l dont !ty meq/100 g _m/q Conc., M ldentlty Conc., M pH Constants®  Values
Montmor!llonite 79,5 86,2 10‘4’0 - 10-2'2 leachate
Cr(vi) 3 Am 12.8
4 10,3
5 8,03
7 3,26
KZCrO4 3 3,64
4 2,50
5 2,22
3.3 1 7 0.98
107242 - 1072 |sachate
Cr(iil) 3.0 Am 632
4,0 2622 i
Cr(N03)3 2,5 345
3,0 649
4,0 2689
-4
Sitica - 75 10 - - 36 'Kégr -4.1, (3.1) James and
Healy 1972b.
Klnf
Ca
ot -5.9, (5.2)
int
Kon
fnt
lK )
(0H)2
Int
K
(0H)2
(a) KInf = Intrinslic adsorption constant of lonlc species, log

A, = Langmulr adsorptlion maxlmum, umol g~
(b) () - estimated values.
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Table 10-1 (Contd).

ADSORPTION CONSTANTS

FOR CHROMIUM

Adsorbent Adsorbate Eloctrolyte Adsorption Measurement References
CEC S,A. .
ldentity moq/100 g m'/q Conc,, M ldentlty Conc., M pH Consfanfs(a) Va lues
Montmorlllonlte 79,5 86,2 10740 - 10722 |oachate
Cr (Vi) 3 Am 12,8
4 10,3
5 8.03
7 3.26
K,Cro, 3 3,64
4 2,50
5 2,22
3.3 1.3 7 0.98
10 "7 - 10 '* leachate
Crit ) 3,0 Am 632
4.0 2622
Cr(N03)3 2.5 345
3.0 649
4,0 2689
-4
Stilca - 75 10 - - 3-6 *Kégt ~4,1, (3,1) James and
Healy 1972b-
Kln?
Ca
"winy -5.9, (5.2)
lat
KOH
Int
LT ,
(OH),
Int
[ S
(OH)Z
1
(a) K nt . Intrinsic adsorptlon constant of lonlc spectles, log

Am = Langmu!r adsorption maxlmum, pumol g~
(b) () - estimated values,
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Section 11

COPPER

Copper (Cu) in aqueous solutions ‘can exist in a +1 or +2 valence state. Under
oxidizing conditions (pH values <7), Cul* is the dominant species with hydrolysis
species of Cu2t becoming dominant at higher pH values. Precipitation/dissolution
attenuation mechanisms have not been adequately studied. However, many studies
deaiing with adsorption/desorption suggest that the solution concentrations are
solubility controlled. In these studies, Cu(OH)p is prominent among the compounds
implicated. Copper ferrites have very low solubilities but information on their
formation in geologic environments is not available. At low environmental concen-
trations, Cu is strongly adsorbed by a number of soil constituents, such as organic
matter and Fe- and Mn-oxides, through complexation and specific adsorption. Copper
adsorption strongly depends on pH because CuOH* rather than Cul* is the preferred
surface species for many adsorbents. The effects of ion competition, aqueous
complexation, and ligand adsorption are not well understood. Preliminary studies of
Cu adsorption from fly ash leachates on iron oxyhydroxides indicate increased
adsorption at low pH (<6) and decreased adsorption at high pH as compared with
simple electrolyte systems.

RELATIVE STABILITY OF SOLID AND AQUEOUS SPECIES

In solution, copper exists in two oxidation states: Cu(l) predominates in
relatively reducing conditions while Cu(Il) dominates in oxidizing conditions. As a
result, the solubjlity of the solid phases of Cu(l) and Cu(Il) depends upon the
redox potential. Recently Lindsay (1979) calculated the relative stability of
different Cu solids. His results show that under oxidizing conditions, soil-Cu and
cupriq ferrite (CuFezoa) are very stable, while under reducing conditions cuperous
ferrite (Cuofep04) is the stable phase.

To determine the relative abundance of Cu(l) and Cu(Il) species in ground waters
representative of leachates, activities of different Cu species in equilibrium with
CUF8204 at two different Eh values were plotted (Figures 11-1 and 11-2) using the
thermodynamic data (Ball et al. 1980) contained in the geochemical model MINTEQ
(Felmy et al. 1983). Under reducing conditions (pe + pH = 7) and at pH values > 4,
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cu?* and Cu(Il) complexes with SO%', C17, OH™, HCO3, CO%’, and F~ do not contribute
significantly to total soluble Cu (Figure 11-1). Under reducing conditions, Cu* and
Cu(I) complexes are dominant at pH values between 4.3 and 9.5. Cu(Il) forms a very

'strong complex with C17. As a result, CuCl3 is one of the dominant species in

solutions of pH values between 4.3 and 9. Data for Cu-polysulfide complexes [such
as Cu(S4)g' and cus4s§'] are included in the model data base (Ball et al. 1980).
(These complexes may be important under reducing conditions but are not plotted in
Figure 11-1.) Under oxidizing conditions (pe + pH 16) Cul* is the dominant species
below pH values of about 7; at pH values between 7 and 10, Cu(OH)g appears to be the
dominant species (Figure 11-2). Baes and Mesmer (1976) report, however, that
reliable estimates of the formation constant of Cu(II)-hydroxo complexes are not
available. A1l of the other Cu(II) complexes (such as with SO%', F~, HC03) do not
contribute significantly to the total soluble Cu.

PRECIPITATION/DISSOLUTION

The retention of Cu by montmorillinite (Bingham et al. 1964) and some soils (Abd-
Elfattah and Wada 1981) have been observed to be consistent with the formation of a
Cu solid phase such as Cu(OH)z. Farrah and Pickering (1976) suspected the formation
of Cu oxides and phosphate solid phases during adsorption of Cu on kaolinite. The
behavior of the Cu in the kaolinite suspensions was consistent with solid phase for-
mation, and fhe solubility products calculated by Farrah and Pickering (1976) were
similar to published values. Frost and Griffin (1977) examined the removal of Cu
from leachates by clay minerals and concluded that precipitation is an important
removal mechanism at pH values greater than 6.5. Carvallaro and McBride (1978)
stated ‘that solution levels of Cu* maintained by adsorptidn onto soils were below
saturation levels of Cu(II) minerals (specifically Cu(OH)2 and Cup (OH)p CO3). How-

ever, the observed Cu*

levels are very near saturation for CuFep04 and represent
supersaturation with respect to soil-Cu (Lindsay 1979). The formation of a Cu oxide
was implicated by Hatton and Pickering (1980) after observing a minimum Cu solubil-
ity at pH 4.5 in clay-humic acid mixtures. Dhillon et al. (1981) found that their
experiments involving the adsorption of Cu by alkaline soils was complicated by the
formation of Cu solids [Cu(OH), or Cup(OH)2CO3]. Although a discreet Cu solid phase
was not observed, it is impossible to distinguish between precipitation and
adsorption because both precipitation and adsorption obey the Langmuir equation
under the conditions of Dhillon et al.'s (1981) experiments. McBride (1982) mea-
sured the adsorption of CuZ* on aluminum hydroxide and oxyhydroxides as a function
of pH. Only adsorption reactions of Cul* were observed for noncrystalline alumina

and bohemite, but precipitation of Cu(OH)Z was observed in the case of gibbsite.




Leckie et al. (1980) studied the adsorption of Cu by «-5i0, and observed that at
high Cu concentrations (5 x 1072 M), precipitation of Cu(OH)p rather than adsorption
appears to control Cu concentrations, '

ADSORPTION/DESORPTION

Copper is strongly adsorbed in soil by three prominent retention mechanisms:
complexation by soil organic matter, specific adsorption, and ion exchange. A
“number of investigators suggest that in surface soils, soil organic matter is the
dominant factor controlling Cu adsorption (MCLaren and Crawford 1973,‘Petruze11i
et al. 1978, Ramamoorthy and Rust 1978). In fact, Hg and Cu appear to have greater
affinity for the soil organic fraction than all other cationic heavy metals
(Kerndorff and Schnitzer 1980). At low aqueous concentrations of Cu and in soils or
subsoils low in organic material, specific adsorption to soil Fe, Al, and Mn oxides
may be the prominent retention mechanism (McLaren and Crawford 1973; Oakley et al.
1981; Davis and Leckie 1978; McKenzie 1980; McBride 1982). Manganese oxides have a.
high specific adsorption capacity for Cu (Oakley et al. 1981; McKenzie 1980). Layer
lattice silicates retain Cu primarily by ion exchange (Mclaren et al. 1981; Frost
and Griffin 1977; El-Sayed et al. 1979; Oakley et al. 1981). As a result, ion
exchange is an important adsorption mechanism at higher Cu solutions where the
specific adsorption and comp]exation capacity of soil hydrous oxides and organic
matter has been exceeded. Soil pH has an important effect on Cu adsorption
(e.g., Sadiq 1981), in that it controls Cu solution speciation and hydrolysis, and
surface charge distribution on amphoteric soil hydrous oxides.

The pH dependency of Cu adsorption varies on different model adsorbents

(Table 11-1). The adsorption of Cu by organic matter {McLaren et al. 1981) or by
oxides with low isoelectric points (pHIEp), such as silica (Schindler et al. 1976;
Bourg and Schindler 1978; Bourg et al. 1979; Bourg and Schindler 1979; Huang et al.
1977) or Mn oxides (McKenzie 1980; McLaren and Crawford 1973) shows little
dependency on pH. In contrast, the adsorption of Cu on Fe oxides displays a marked
adsorption "edge" where adsorption increases from near 0% to 100% in two pH units.
The adsorption edge depends on the experimental conditions (e.g., concentration 6f
Cu or the oxide), but occurs between pH 3 and 6 {MclLaren et al. 1981; McLaren and
Crawford 1973; Balistrieri and Murray 1982; Forbes et al. 1976; McKenzie 1980;
Kinniburgh et al. 1976; Swallow et al. 1980; Benjamin and Leckie 1982a). Similar
adsorption edges are observed on aluminum oxides (McBride 1982; Huang et al, 1977;
Kinniburgh et al. 1976; Elliott and Huang 1980) and clay minerals (Oakley et al.
1981; MclLaren et al. 1981; Mclaren and Crawford 1973; Frost and Griffin 1977; Kishk
and Hassan 1973; Farrah and Pickering 1976; Farrah and Pickering 1977; 0'Connor and
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Kester 1975). The pH dependent adsorption of Cu is ascribed to the adsorption of
hydroxo complexes (e.g., CuOH*) which are more strongly bound to the surface than
the free hydrated ion (Cu*2) (McKenzie 1980, Davis and Leckie 1978).

The presence of relatively high concentrations (10‘3-10'2M) of other divalent
cations, such as Ca, reduces the adsorption of Cu (10-5-10-4) by soil (Cavallaro and
McBride 1978), Fe oxides (goethite) (McLaren and Crawford 1973), and clay minerals
(Frost and Griffin 1977). The clay mineral bentonite appears to have nearly equal
preference for Cu and Ca on exchange sites; the exchange of Cu is reduced in the
presence of othér divalent cations (E1-Sayed et al. 1970). The specific adsorption
of Cu on goethite (Balistrieri and Murray 1982b) and amorphous iron oxyhydroxide
(Benjamin and Leckie 1982) is unaffected by the presence of equal concentrations of

'Pb, Zn, and Cd suggesting that the metals are each bound by a specific surface

site. With electrolytes composed of monovalent ions (e.g., NaC104), increasing the
ionic strength of the aqueous phase has minimal effect on Cu adsorption by silica,
Fe oxides and clay minerals.* In contrast increasing ionic strength reduces Cu
adsorption on Al oxides (McBride 1982, Huang et al. 1977, Kinniburgh et al. 1976,
Elliot and Huang 1979).

Inorganic and organic ligands have a variable effect on Cu adsorption by soils and
model adsorbents (Table 11-1). In most cases, monovalent anions (NO3, C17, C]O&)
have little influence on Cu adsorption by Fe oxides (Forbes et al. 1976, McKenzie
1980, Swallow et al. 1980, Benjamin and Leckie 1982a), However, Bowden et al.
(1977) found that C1~ (10'2,10'3_) increased Cu adsorption on goethite, possibly by
adsorption of CuCl* complexes. The anion HPO%’ has little effect on Cu retention by
kaolinite where exchange processes predominate adsorption (Farrah and Pickering
1976). Sulfate increases adsorption of Cu.by goethite (Balistrieri and Murray 1982)
possibly by reducing net positive surface charge through specific adsorption.

Though complex-forming organic ligands (e.g., EDTA) may reduce Cu adsorption by
reducing the free ion activity (Bourg and Schindler 1978, Bourg and Schindler 1979,
Farrah and Pickering 1976}, both positive and negatively charged organic Cu
complexes may be adsorbed electrostatically on positively charged oxide surfaces and
negatively charged clays (Bourg et al. 1979; Elliot and Huang 1979; Elliot and Huang
1981; Farrah and Pickering 1976), some of which may increase total Cu

*Silica--Schindler et al. 1976; Bourg and Schindler 1978; Bourg et al. 1979; Bourg
and Schindler 1979; Huang et al. 1977.

Fe oxides--McLaren and Crawford 1973a; Balistrieri and Murray 1982; Forbes et al.
1976, Kinniburgh et al. 1976; Swallow et al. 1980; Benjamin and Leckie 1982a

Clay minerals--McLaren and Crawford 1973; Oakley et al. 1981; McLaren et al. 198l.
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retention. Humic acids reduce Cu adsorption on kaolinite by interaction with the
clay mineral surface and formation of aqueous Cu-humate complexes (Gupta and
Harrison 1982).

The Langmuir isotherm is often used to describe Cu adsorption by soil (McLaren and
Crawford 1973; Cavallaro and McBride 1978; Petruzzelli et al. 1978; Ramamoorthy and
Rust 1978). In some cases, however, adsorption is more adequately described using
the Freundlich equation, suggesting that the adsorption surface is heterogeneous aﬁd
multiple sites exist (Sanders 1980; Sidle and Kardos 1977; Benjamin and Leckie
1981). An extensive investigation of Cu adsorption by organic material (Sanders
1980) indicates that a two-site Langmuir equation is most appropriate. It appears
likely that two distinct binding sites exist in organic material or that two aqueous
species of Cu undergo adsorption. Use of an activity-corrected Langmuir isotherm
would provide data with more generic applicability, alleviating some pH dependency
due to changes in solution speciation.

Models which describe adsorption of Cu by mineral surfaces including goethite
(Balistrieri and Murray 1982), amorphous iron oxyhydroxide, aluminum oxide and
silica (Davis and Leckie 1978) and clay minerals (Steger 1973) are based on the
adsorption of Cul* and the simultaneous formation and adsorption of CuOHY. The
adsorption models do not distinguish between adsorption of CuOH™* present in solution
and surface hydrolysis of adsorbed Cu+2, because these are thermodynamically
inseparable. A surface complexation model which describes Cu adsdrption by silica
through formation of mono- and bi-dentate surface compiexes (Schindler et al. 1976;
Bourg and Schindler 1978; Bourg et al. 1979; Bourg and Schindler 1979), can also be
adequately explained by Cu* and CuOH* adsorption (Davis and Leckie 1978).
Similarly, the pH dependent adsorption of Cu on goethite and the release of protons
that accompanied adsorption was quantitatively described using a model where CuOH*

was the only adsorbing species (Barrow et al. 1981).
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Table 11-1.

ADSORPTION CONSTANTS FOR COPPER

Adsorbent Adsorbate Electrolyte Adsorption Measuremonts Reference
CeC S.A.
(a) ] (b) o)
tdentlty meq/100g m /g Conc,, M Identity Conc,, M pH Constants Value
Clay Mlnerals
Bentonlte, Cs-form - - 0 - 0.01 - - 4,5- !{;: 0,957 El-Sayad et al, 1970
5.0
- - 0 - 10723 Seawater ~0.7 8 Ao Ko Ky (180, 5.7}, 43 Oakley et al, 1981
~5.8 ~5.8
Montmorlltonlte - - IO_5 8 IO_3 8 Cz!Cl2 0,05 6 Am (3,3) . McLaren et a), 1981
10 °°" - 10 "" Ca(:l2 0,05 5.5 Am' KL 5.8, 4.8 N MclLaren and Crawford 1973a
Montmor 1 HlonTte, Na=form - 100 10753 Seswater  ~0.7 8 K, 50 Tokematsu 1979
-5.4 -3,5 | '
Bentonlte - - 10 - to Ca0A 0.025 4.3- A, KL(Cu) 8.2, 4.8 Steger 1973
5.9
" (1]
Am R KL (Cu} 2,2, 1.0
H
K. (CuoH) 14,6
Kasollnite, H-form - - Trace - - 6.4 Kd 43 Gupta and MHarrison 1982
Humt ¢ 0.5 ug/L 6.4 Kd 3.2
Acld 1.0 ug/2 6.4 Kd 2,5
71.5 ug/t 6.4 K, 2,2
-5.8 -3.8
Kaolinite - - IO_5 o IO_) s CaCI2 0.05 A (0,2) Mclaren ot at, 1981
10 °° 107" cxCl, 0,05 5.5 ALK 1.9, 4.5 McLaren and Crewford 1973a
-5.8 ~-3.8
1llte - - IO_5 8" IO_} 8 CBC'Z 0.05 6 A (t.6) Mclaren ot al. 1981
10" 10 7" CaClz 0.05 5.5 Am' KL 8.3, 4.5 McLaren and Crawford 1973a
Haltoysite - - 1078 08 e, 0.05 5.5 ALK 12,8, 4.4
Siica - 160 1078 NaClO, 1.0 4.5- *3si-ocy -5.5 Sehindler ot al. 1976
8.4
*B3(51-0).Cu -1,2
Kent, kit 0.1, 3.0 Stumm ot al. 1976
- 160 1078 NaCI1O, 1.0 5-9
+Ethalene- 'KfSl-a:uEn -5.2 Bourg and Schindler 1978
Dlamlne 3.8
-3, nd ~
Y R (51-0),CuEn 12,6
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8-11

Adsor bate Electrolyte Adsorption Measuremsnts Reterance
(a) (b) te)
tdentlty mq/100g m /g Cone,, M Idonttty Conc,, M Constants Value
Sitlca (contd)’ 10737 NaNO 0.1 *K§51-0Cu -4.9 Bourg et al. 1979
s
* -
B5(S1~01,Cu 10,2
2,2 w04t 07 *KS51-0CuBI py -2,2
Bipyridyt
*K]51-0Cu(Blpy), 0.8
"B(S1-0) CuBlpy  -6.6
*R3(51-0),Cu(Bipy), (-8.9)
- int fnt
1078 - - cor KowoH 2.8, 6.6 Davis and Leckle 1978
Alumlna
-6 int Int
- - N
10 Koy * KCuOH 6.4, 9 Oavis and Leckie 1378
- NaC10, 0.1 *K3A1-0Cu 2.1 Stumm ot al. 1976
s
*B5(A1~0),Cu 7.0
int Int
oo+ Kooom (7.4, 10,2)
Fe Oxldes
a-Fa00H l(l-ts'5 - l0-5° Seawater 0.7 'K(I::f, ’!&'::;H -3, -7 Batistriert and Murray 1982
Fo,04+H,0(am) 107 - - AR 6.5, 9.6 Davis and Leckle 1978
Fe oxlde (fresh) - Ca(:l2 0.5 Am' -KL 126, 4.9 McLaren and Crawford 1973a
Fo-Mn concretlons - CaCIz 0.05 A, KL 142, 4.6
Goethlte 10747 NaNO, 0.08 K 2.1 Forbes ot al., 1976
-4
Gosthlte 10 KNO, 0.01 A KL (133, 3. McKenzle 1980
Homatite w0 KO, 0.01 A KL (28, 2.9)
-4.5
Fo,0,H 0 am) 0-10 Seawater ~0.7 A K (1220, 5.3 Oskiey of al. 1981
Fo,0,+H,0(am) 107843 Seawater  ~0.7 K, 7000 Takematsy 1979
Fe(OH)3 - Seawater ~0.7 Kd 205 Oakley et at, 1981
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Table 11-1 (Contd). ADSORPTION CONSTANTS FOR COPPER

Adsorbent Adsorbate Electrolyte Adsorption Measuremsnts Reterence
CEC S.A.
(a) 2 (b) (c)
Identity mq/100g m /g Conc., M ‘dentlty Conc., M pH Constants Value
Mn Oxides
MmO, (Frosh) - - o0-10738 caCl, 0.05 5.5 ALK 1080, 5.4 Mclaren and Crawford 1973a
G—MnO2 - 98 - KNO3 0.1 5.0 Am' KL (1670, 3.8) McKenzle 1980
(‘(—Mm)2 (KZM"B()\G) - 206 - KNO} 0.1 5.0 Am' KL (1720, 3.4)
Y~MnOOH - s6 10763 Seawater  ~0.7 8 Ky 8000 Takematsu 1979
-6.5 )
7)\Mn02 - 33 10 Seawater ~0,7 8 Kd 7000
-6.5
6-Mn02 - 61 10 Seawater ~0.7 8 Kd 10,000
Mydrous MmO, - - 0-1077? Seawater  ~0.7 8 K, 7300 Oaklay ot al, 1981
Tl Oxlde
Rutite - - - NaCI0, 1.0 - *KT1-0Cu -1.5 Stumm et al, 1976
i
— ®aS
) Bz(Tl-O)ZCu -5,0
Vo] int Int
n n
Koo+ KonoM (6.3, 10.5)
Organic Matter 3.8
Paat - - 0-10"" CaCl, 0.05 5.5 ALK 184, 5.0 McLaren and Crawford 1973a
- - - - - - Am' KL (290, 4.9) Bunz! ot al, 1976
Humlc acld (commarcial) - - 0-107°° Seawater ~0,7 8 A KL (640, 6.4) Oakley ot al, 1981
X
d 366
-4.3 -3.3
Humic acld (soll) - - 10 - 10 - - 2,4 Am’ KL (29, 5.6} Kerndortt and Schnitzer 1980

Humic material from:
composted alfalfa

-5.5 -3.6 (T
H,0 extr.) - - 10 -0 KNO, 0.1 6 A Kio Ag 2100, 4.3, 1280 Sanders, 1980
Collodlal 4.4, 940, 0,22
-5.5 ~3.6 ot 6 ml
Olalysable - - 10 - 10 KNO . Le Ko I 3440, 4,0, 1350,
: 6,2, 820, 0,27
plus soll 6
Colloldal (KOH exte,) - - 107727 _ 1078 wno 0.1 6 " 1670, 4.0, 610

5.8, 300, 0.35

Dlalysgble (Hzo extr,.) 1730, 4.0, 290

- - 10 - 10 KNO 0.1 6 " 6.2, 200, 0,41




Table 11-1 (Contd). ADSORPTION CONSTANTS FOR COPPER

Adsorbent Adsorbate Electrolyte Adsorption Measurements Reference
CEC S,A.
(a) 3 (b) (c)
Identity moq/100g m~/q Conc,, M Identity Conc,, M pH Constants Value
Soll only
Colioldlal (KOH extr,) = - 107+ = 1076 KNO 0.1 6 " 2440, 2.0, 750
5.7, 330, 0,37
-5,5 -3.6
Dlalysable (KOH extr,) - - 10 - 10 KNO 0.1 6 " 2120, 4.5, 1550,
6.0, 1070, 0,23
Dlat -5.5 -3.6
alysable (Hzo oxtr,) - - 10 - 10 KNO} 0.1 6 2570, 4.3, 650,
6.3, 530, 0.34
-3.8
Sol | 8.6 - 0 -0 " CeCt, 0.05 5.5 ALK 16, 6.0 Dhitlon et al, 1981
10.0 - 0 - 10_3'8 CaCl, 0.05 5.5 ALK 22, 6.3
4.2 - 0-10" caCl 0,05 5.5 A, K 12, 5.2
-3.8 2 m L ’
5.6 - 0~ 10" caCl, 0.05 5.5 ALK 14, 6.0
free
$ 0M. Mn, ug g_
— 1.9 260 - - 0 - 'O-:'s CeCl, 0,05 ' 5.5 Am' KL 9.1, 4.8 McLaren and Crawford 1973s
"_‘ 9.1 57.0 - - 0 - 10_3'8 CaClZ 0,05 5.5 Am' KL 55, 4.3 McLaren and Crawford 1973b
= 0.4 430 - - 0 - '0-3.9 caCl, 0,05 5.5 ALK 5.4, 4.8
2.0 190 - - 0- 107", cecl, 0.05 5.5 ALK 13, 4.7
2.8 60 - - 0 - 10 's CaCl, 0.05 5.5 ALK 16, 4.9
1.2 60 - - 0- 107" ceCl, 0.05 5.5 A, K 26, 5.0
2.4 1010 - - o0-10>8 caCl, 0.05 5.5 ALK 20, 4,7
9.1 50 - - 0-107>8 cact 0.05 5.5 AT, K 39, 5.1
-3.8 2 m L roe
7.2 30 - - 0-102° caCl, 0.05 5.5 AL K 37, 5.0
1.2 60 - - o0-10>-8 cect, 0.05 5.5 AL, K 17, 4.5
1.9 30 - - 0-10>8 caCl, 0,05 5.5 ALK 21, 4.6
26.2 180 - - 0-10>8 cec 0.05 5.5 ALK 91, 4.9
1.1 70 - - 0 - lo‘i': CaCl, 0,05 5.5 ALK 22, 4.8
2.2 40 - - 0-10"" CeCl 0.05 5.5 A, K 26, 4.5
-3.8 2 m L v
7.5 40 - - 0-10 5'3 CaCl, 0.05 5.5 AL K 37, 5.0
3.9 460 - - 0-107" CaCl 0.05 5.5 A, K 29, 5.0
-3.8 2 m L e
.9 470 - - 0-10 3.3 CaCl, 0.05 5.5 ALK 38, 4.5
5.6 1070 - - 0-10°* ceCl 0,05 5,5 A, K 34, 4,9
-3.8 2 m L , 4
6.6 1590 - - 0- 10 3'8 CcaCl, 0,05 5.5 ALK a7, 4,7
3.6 1580 - - 0-107° caCt 0.05 5.5 A, K 38, 4.6
~3.8 2 ™ L . 4
3.4 750 - - 0-10 }'8 caCl, 0.05 5.5 ALK 31, 4.8
2.2 300 - - 0 - IO—S'B cacl, 0.05 5.5 AL, K 21, 4.6
7.6 320 - - 0-10"" catt, 0.05 5.5 ALK 41, 4,9
- -4 .
6.6 - |o_: - 07 - -, 6.3 A, K 28, 5,2
6.6 10°° - 10 CaCl, 10 6.3 AL K 1", 5.5 Cavallaro and McBride 1973
-6 -4
- - - - 4
5.5 10 - 10, - Ao K 11,5, 5.2

5.5 10 -1 caCl, 10 47 AL K 3,0, 4,7




Ti-11

g
IR SR SO T S

TR e BT

Table 11-1 (Contd). ADSORPTION CONSTANTS FOR COPPER

Adsorbent Adsorbate Electrotyte Adsorptlon Messurements Retarence
CEC S,A.
(a) 2 (b) (c)
Identity maa/100g m~/g Conc., M identity Conc., M _pH Constants Value
Solil Depth 5 0.M.
0 - 7.5 cm 10,6 18.4 - 1073V - 10739 Simutated - 6.4 AL, K., Kp, IN (1.2, 1.8y, Sidle and Kardos 1977
. sludge 6,1, 1.0
7.5 - 15 em s.a 8.4 - 107%' - 1073+5 Jeschate - 5.4 ALK, Ke, I (8.8, 6.5),
2.5, 1.0
untreated 21,2 57.5 - 0 - 0.005 - - 5.4 Am, KL 175,3.9 Petruzzelll et al, 1978
H,0,~treated o 23.7 - - 0,005 - . - 5.4 AL, K 44, 3.6
untreated 3.3 38.8 - 0 - 0,005 - - 6.7 Am, KL 136, 3.5
HZOZ-frsafod 0 1,3 - 0 - 0,005 = - 6.7 Am’ r(L 29, 3.0
untreated 17.8 22,6 - 0 - 0,005 - - 7.0 AL KL 148, 4,7
Hzoz-treared 0 15,4 - - 0,005 - - 7.0 e R 34, 29
untreated 3.5 21.5 - 0 - 0,005 - - 6,0 Am, KL 67, 3.7
Hzoz-fraafad 0 3.0 - 0 - 0,005 - - 6,0 Am’ KL 39, 3.7
Particle

Sediment slze, pym  § O.M,

0.44 0.6 - - - - - Am, KL 29, - . Ramamoorthy and Rust 1978
0.007 3.2 - - - - - A Ky 344, 6.0
0.16 35.7 - - - - - Am, KL 173, 5.2
0.40 0.6 - - - - - Ay KL 34, 5.1
0,27 2.4 - - - - - A K 31, 5.0

(a) O.M, = organic acid

/N -1 - -
(o) Kg, 1/N = Freundlich constants for A = KFC / pA=zumol g 3 C o= ouM; Ay = Langmulr adsorption maximum, umol g ,; KL = tangmuir constant, fog M l; Kd =
distribution coetflcient, mlg_' oxcept Takematsu (1979) and Oakley et al, (1981) values in ?.g-‘; K:; = selectivity coefflclient; *Ks, '?.; = surface
1
complexation constants, log; K:'m = intrinsic adsorption constants, log; Ko = aftinlty cosfticient,

{e) () = estimated values
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Section 12

FLUORIDE

Fluoride (F~) is a negatively charged anion which forms strong complexes with Al3+,
an ion which is commonly present in waste leachate or soil under acid conditions.
However, the range in pH at which the Al-F complexes are dominant depends upon the
F- activity. Available data suggests that F concentrations in calcareous soils and
sediments are controlled by fluorite (Can). Studies of F adsorption/desorption
using soils and soil minerals indicate that: 1) fluoride is not strongly adsorbed
by soils but the maximum adsorption occurs at pH values of ~4 to 6.5, and

2) fluoride displaces surface-bound OH- during adsorption. Adequate information is

not available to determine whether anions such as 502‘, SeO%', and Asog' affect F~

adsorption.

RELATIVE STABILITY OF SOLID AND AQUEOUS SPECIATION

Fluoride has a -1 valence state. Most known fluoride compounds are fairly

soluble. The activity of F~ in soils normally ranges from 10'4 to 10'10 M (Lindsay
1979). Except in a few cases where soils may contain fluorite and fluorapatite, F~
activities in soils and sediments are expected to be controlled by

adsorption/desorption reactions.

To determine the relative abundance of F~ species in ground waters representative of
leachates, activities of different F~ species in equilibrium with F~ = 1072 M were
plotted using the thermodynamic data (Ball et al. 1980) contained in the geochemical
code MINTEQ (Felmy et al. 1983). Under the assumed conditions (Figure 12-1), F~
forms very strong complexes with A13% such that these complexes are dominant below
pH values of ~5.5. The pH values below which fluoro complexes of A13* are dominant
decreases with the decrease of F~ activity. At pH values >5.5, F~ is the only
dominant species. A1l of the other F~ complexes with Ca2*, Mg2*, Nat*, and trace

metals (such as Ni2*, Pb2*, Cd2*) do not contribute significantly to the total F in

solution.

12-1

¥




A Y AW
-5 =
Z
s 2\ S\
T\ 2
T9
-7 b - S ) - CBF'
MgF*
-8
£
> °
= NaF
Qo -9
<
8
~ .10 S
PbF’
: NiF*
-1 < GaF
g &
12 oo
13 1 I ! | 1 ] L !
3 4 5 6 7 8 9 10 1" 12
pH
F1gure 12-1, Act1v1t1es of d1ff§rent fluor1d spe&ies
En F = 10' ya = calt . 1077, = 1077, Ni¢" =
. = 10' , and INE act1v1ty controlled by

g1bbs1te [Al(OH)3].

PRECIPITATION/DISSOLUTION

Information on observed or predicted solubility-controlling solids of F~ is
limited.
an equilibrium control on dissolved F~ activity in geothermal waters.
a small percentage of waters (from Pb and Zn mining areas) were in apparent equi-
librium with fluorite, with most being undersaturated (Jenne et al. 1980). In
adsorption experiments at 23.6 x 10=4 M fluoride, the results of Chhabra et al.
(1980) suggested F precipitation possibly as fluorapatite or fluorite. Other
authors (Gupta et al. 1982) have observed high apparent adsorption of F by cal-
careous soils which they attribute toc the possible precipitation of fluorite.
Fluoride has strong afinity for A13* (Figure 12-1) and Semmens and Meggy (1966)

indicate that solid phases such as cryolite (Na3AlF6) could form through F~ attack

on aluminum minerals.

ADSORPTION/DESORPTION

Fluoride adsorption in soil strongly correlates with the content of amorphous Al

oxides (Omueti and Jones 1979). Among a number of soil constituents, including

12-2

Nordstrom and Jenne (1977) showed that the solubility of fluorite provides
However, only
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layer lattice silicates and oxide minerals, A1(OH)3 appears to have the highest
adsorption capacity for F (Bower and Hatcher 1967). Some ¢rystalline alumino-
silicates, imogolite, halloysite (Bower and Hatcher 1967), and more probably,
amorphous aluminosilicates of volcanic origin (e.g., allophane) have significant
adsorption capacity for F as well. While decreasing soil solution pH generally
yields greater adsorption of F by soils (Omueti and Jones 1977, Bower and Hatcher
1967), some calcareous soils may have high apparent adsorption capacities.due to
precipitation of CaFp (Gupta et al..1982). More commonly, increasing pH and soil

sodicity suppresses F adsorption in alkalai soils.

The adsorption behavior of F is strongly influenced by pH (Table 12-1). On
goethite, for example, adsorption of F is greatest at a pH (3 to 4) near the pKa of

' _the anion (Hingston et al. 1968; Hingston et al. 1972) possibly suggesting

participation of the protonated species (HF) in the adsorption mechanism. In
contrast, maximum F adsorption on chloritized montmorillonite, allophane, and
surface soil occur between pH 6 and 7 (Omueti and Jones 1977). Adsorption of F is
negligible above the approximate zero point of charge of goethite and gibbsite
(Hingston et al. 1972) indicating that a positively charged surface or the
protonated species is required for F retention. The higher F adsorption noted in
many acid soils (Omueti and Jones 1977; Bower and Hatcher 1967) reflects a
combination of factors including 1) greater quantities of amorphous Al and Fe
oxides, 2) a positive charge distribution on amphoteric hydrous oxides, and 3) the

presence of HF. Each of these factors encourages F retention.

The affinity of F for soils is enhanced with increasing ionic strength or in the
presence of aqueous monovalent cations of increasing atomic number (Barrow and Shaw
1982). Both these factors contribute to reduce the negative electrostatic charge of

the adsorbing surface.

The adsorption mechanism of F on mineral surfaces and soils has not been well
defined. Since the fluoride and hydroxyl ions are similar in size, charge, and
polarization, it is not surprising that anion or ligand exchange with surface OH™ on
clay minerals and hydrous oxides has been proposed as the prominent retention-
mechanism of F in soil (Hingston et al. 1972; Mott 1981). 1In fact, most F adsorp-
tion studies note an increase in solution pH following adsorption (Perrott et al.
1976). However, some investigators indicate that F adsorption may, in fact, be a
chemical reaction lending to displacement of structural OH™, disruption of the
mineral structure, and formation of new surface solid phases such as cryalite

(Semmens and Meggy 1966) or soluble filuoroaluminate complexes (Huang and Jackson




1965; Hingston et al. 1972 and Figure 12-1). Though rates of chemical reaction are

slower than adsorption, layer lattice silicates appear particularly susceptible to F
attack (Semmens and Meggy 1966; Huang and Jackson 1965), while oxide minerals (e.q.,

gibbsite} are vulnerable under acidic conditions (Hingston et al. 1972). These

chemical reactions also lead to formation of hydroxy ions and increase in solution

pH (Perrott et al. 1976; Huang and Jackson 1965). Because of its strong affinity

for active hydroxyl sites, F has been used in soil testing to detect allophanic
(Bonfils 1972) and aluminium-rich (Brydon and Day 1970) soil clays by measurement of
evolved OH™ after contact with 1 M NaF.
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Adsorbent

Table 12-1.

Electrolyte

ADSORPTION CONSTANTS FOR FLUORIDE

Adsorption Measurements

References

Ldontity )

moq/100g m2/g

Conc,, M

Clay Minerals

Kaotllnlte
Halloysite dehydrated
expanded

Bantonite

Yermlculite

Alumina

Freshty ppt'd
Coated to bentonite
Glbbstte

Fo Oxides
Goothlte

Gosthlte

Soils

Sandy loam

Stit loam

Loam
Loam, {dried, rewet)

Ctay toam
Clay loam (dried, rewet)

Loam
Clay

(=]

[= 2= R =]

0.01
0,01

0,0t
0,01

0.0t
0,01
0.01

0.01

O 00 O
o .

0,01
0.01

0.01
0.01

0.01
0.01
0.01

0.01
0,01

0.01
0.0t

pH Consfanfs(b

6,2
5.0

8.7

8.5

6.3
6.3
7.0

[= RV N V)

Sol |

1.2
4.8

7.7
3.5

5.6
5.6

7.9
8.0

(e)

Yalue

>x
e

=

> > > > _>
3.3 3 3

~
x_X_X_X
=

21.9, 3,48
18,2, 3.56

94.0,3.64
175, 3,12

trace

trace

1820, 4,44
2770, 3,96
11,7, 3.68

trace

(300, 3,5)
(290, 3,3)
(140, 3.3
(70, 3.0

4.6, 3,48
21,0, 2,64

8.1, 3,39
20.3, 3.18

9.0, 3.12
13.2, 3.38
13.8, 2,88

5.8, 3.12
1.3, 3,18

Bower and Hatcher 1967

Bower and Hatcher 1967

Bower and Hatcher 1967

Hingston et al, 1968

Bower and Hatcher 1967

Bower and Hatcher 1967
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Adsorbent Adsorbate Electrolyte Adsorption Measuremants
_._____________.__._______________________?_? — — —————tlecirolyte .________IL____________________.
14 (a) ceC SZA (b) (c)
entity meq/100g m/q Conec,, M Idenflrx Conc,, M _pH Constants Value
Sol Is £ Clax $ 0.C. Al, ug/q M
7.8 3.26 1200 - vo:: - 1o:§°2 Na | 0.1 5.0 Aw K,
21,6 0.52 1300 - IO_9 - '0-2.6 NaCt 0.t 5.6 Am, KL
20,0 0.18 1000 - 10_9 - 10—2.6 NaCt 0.1 5.9 Am' KL
29.0 3.13 1200 - IO_ - 10 2.6 NaC| 0.1 5.7 Am, KL
39.8 1.39 1900 - lo_9 - 10_2‘6 NaC | 0.1 5.5 A KL
37.3 0.36 1300 - IO_9 - 0«2.6 NaCt 0,1 6,2 Am, KL
13,9 1.20 1300 - 10_9 - '0-2.6 NaC| 0,1 4,4 Am, KL
43.8 0.53 2300 - 10_9 - 0-2.6 NaCi 0.1 4.8 Am’ KL
34,4 0.28 1400 - 10_ - 10 2.6 NaC| 0,1 5.7 Am’ KL
23,7 3,53 1200 - IO_9 - '0-2.6 NaCi 0.1 5.2 Am' KL
25,5 4,31 1200 - |()_9 - ‘0-2.6 NaC { o,t 6.4 Am' KL
20,8 2,94 750 - 10‘9 - '0-2.6 NaC 0.1 6,0 Am’ KL
27.0 1.99 1000 - 10.9 - 10_2'5 NaC | o,t 6.5 Am' KL
19,0 0.86 850 - I()_9 10~2'6 NaCH 0.1 5.6 Am’ KL
19,0 0.79 790 - 10_9 - '0—2.6 NaCt 0.1 7.7 Am' KL
14,9 1.62 900 - 10_9 - IO_Z‘6 NaC1 0.1 5.9 Am, KL
10,4 0,94 825 - 10_9' - '0-2.6 NaCt 0.1 5.9 Am' KL
18.3 3.03 960 - IO_9 - ’0-2.6 NaCi 0.1 5.6 Am, KL
14,8 0,71 1000 - 10_9 - |0_2'6 NaC | 0.1 6.6 Al KL
14,9 1,18 1300 - 10" -~ 19 °* NaC 1| 0.1 4.6 Am, KL
Na-saturated
Calcareous - ~ 0-10 :'g NaC i [«N] 8,95 Am' KL
- - 0 - 1o - NaC | 0.1 10,4 A, K
m L
3.0
Non-calcaraoys - 0-10 3.0 NaC | 0.1 8,95 Am, Kl.
- - 0 10 ~° NaCt 0,1 10.4 Am' KL
5% Na-saturated - - 0 - 10_2°6 - - 8.2 Am' KL
30% Na-saturated - - 0 - 10726 - - 9.45 A K
708 Na-saturated - - 0- 10726 - - 9,95 A K,

—_
(a) 0,C = organic carbon

(b) A, = Langmiir adsorption maxlmym, umot g~

KL = Langmiir constant, log M
€} () = estimated values

Table 12-1 (Contd).

ADSORPTION CONSTANTS FOR FLUORIDE

References

19,2, 3.620mueti and Jones 1977
15,0, 3.68
9.9, 3.86
23,4, 3,61
24,7, 3,88
16,6, 3,68
26,0, 2,86
26,7, 3,39
21,3, 3,718
18,8, 3,61
32,9, 2,93
9.1, 3,50
19,0, 3,58
6.9, 3,77
5.3, 3,10
10,1, 3,59
1.8, 3,67
14,0, 3,45
10,5, 3,44
27,4, 2.87

3.1, 3.66Gupts ot al, 1982
3.8, 3,59

1.3, 4,16
3.2, 3,52
16.5, 3.64Chhabra ot al, 1979

18.5, 3,41
4.5, 3,87




Section 13

[RON

Both Fe(Il) and Fe(III) oxidation states are stable under aqueous environmental pH
and redox conditions. Fe(IlI) species are dominant under oxidizing conditions and
Fe(Il) species under reducing conditions. Iron concentrations in aqueous environ-
ments are expected to be controlled by precipitation/dissolution reactions.
Metastable ferrosic hydroxide [Fe3(OH)8], which persists in changing redox
conditions is shown to control maximum Fe concentrations for a wide range in redox
conditions (pe + pH >8). Other iron oxides and hydroxides less soluble than
Fe3(OH)g have also been reported to be solubility-controlling. Adsorption can be an

important retention mechanism of iron at low pH or at low agueous concentrations.

RELATIVE STABILITY OF SOLID AND AQUEOUS SPECIES

Iron in geologic environments exists in the +2 and +3 oxidation states which are
stable over a broad range of pH and redox conditions. Redox potential strongly
affects both the stable solid and solution species. Under oxidizing conditions,
Fe(IIl) minerals are more stable than Fe(Il) minerals. Based on available
thermodynamic data, Lindsay (1979) has determined the relative stability of Fe
oxides. His calculations show that under oxidizing .conditions {pe + pH >11.5) soil
Fe(OH); (intermediate in solubility to amorphous hydroxide and crystalline oxide)
controls the solubility; below pe + pH of 11.5, magnetite (Fe304) is the stable
phase until siderite (FeCO3) forms [pe + pH 3.7 for COy(g) < 10-1-5 atmospheres].

To determine the relative abundance of Fe(ll) and Fe(III) species in ground waters
representative of utility waste leachates and to show the effect of redox potential
on the solubiltity of Fe(III) solids, activities of different Fe species in equi-
librium with Fe(OH)3(a) at two different redox conditions were plotted using the
thermodynamic data (Ball et al. 1980) contained in the geochemical model MINTEQ
(Felmy et al. 1983). \Under relatively oxidizing conditions (pe + pH = 16) and for
high F- (10-4 M) waters, fluoro complexes of Fe(IIl)) are the dominant aqueous
species at pH values of approximately <4.2 (Figure 13-1). At high pH values,
hydrolysis species of Fe(III) [Fe(OH)E, Fe(OH)a] are dominant. Under these
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Figure 13-1. Activities of different iron species in
equilibrium with Fe(OH)3(a) under relatively oxigizing
conditiong (pe + pH i 16), when activities of SO0z =
€1° = 1072, F~ = 107",

2= and C1”

do not contribute significantly to the total Fe in solution. Decreasing the redox

conditions (Figure 13-1), the Fe(Il) species and Fe(IIl) complexes with SO

potential (pe + pH = 7) increases the total Fe in solution and changes the dominant

aqueous species (Figure 13-2}. Fel* is the dominant aqueous species at pH values

<9.2, and species other than FeS09 do not contribute si nificantly to the total Fe,
4 g9

Figures 13-1 and 13-2 show that with the decreasé in redox {pe + pH) potential,
Fe(OH)3(a) becomes very soluble, and as mentioned earlier, Fe30, instead of
Fe(OH)3(a) would be the stable compound.

PRECIPITATION/DISSOLUTION

Iron forms several sparingly soluble solids under different redox conditions, and it
is generally accepted that Fe concentrations in ground waters are primarily con-
trolied by precipitation/dissolution reactions. Back and Barnes (1965) measured

2* a5 a function of redox potential and pH in ground

solution concentrations of Fe
waters., Their data suggest the presence of ferrosic hydroxide [Fe3(OH)8(s)] in many

ground waters. Equilibrium with iron oxides was also implicated by Barnes and Back
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(1964) over a wide range of pH and redox potentials. Helz and Sinex (1974) measured
dissolved iron, pH, and redox potential in thermal springs and found that
Fe3(0H)g(s) may be controlling Fe solubility. Other authors have also suggested
that Fe3(0H)8 may be important in controlling Fel* levels (Schwab and Lindsay 1983;
Ponnamperuma et al. 1967; Pasricha and Ponnamperuma 1976). Schwab and Lindsay
{1983) presented convincing evidence that indicates maximum iron concentrations,
over a wide range of redox potentials, are controlled by ferrosic hydroxide and
siderite (FeCO3); ferrosic hydroxide was found to control concentrations at pe +

pH >8 and siderite at pe + pH <8. Schwab and Lindsay (1983) point out that ferrosic
hydroxide is metastable and is expected to persist in changing redox environments.
They also state that under stable redox conditions, less soluble iron oxides can
control Fe concentrations.

ADSORPTION/DESORPTION

The behavior and attenuation of Fe in soil and subsoil 1s controlled, to a large
extent, by precipitation reactions leading to formation of amorphous and crystalline

secondary minerals. These reactions and the identity of secondary Fe solid phases
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have been investigated in detail (e.g., Oades 1968; Bingham et al. 1978)., Secondary
Fe hydrous oxides are important soil/subsoil adsorbents of anionic (Davis and Leckie
1980) and cationic metallic constituents (Jenne 1968) in utility waste leachate.

Iron(I1I) is strongly adsorbed, or actually complexed, by soil humic acid at pH <3
(Kerndorff and Schnitzer 1980). The affinity of soil organic matter for Fe(III) is
greater than for any other metal except Hg(II) and Cu(II) (Kerndorff and Schnitzer
1980). Thus, the distribution of extractable Fe in soil is strongly influenced by
organic matter (Wada and Gunjigake 1979). Other soil constituents which adsorb
Fe(I11) are crystalline oxides (Schindler et al. 1976; James and Healy 1972a, 1972b;
Stumm et al. 1976; 0'Melia and Stumm 1967), clay minerals {(Page and Whittig 1961;
Rengasamy and Oades 1977; Fordham 1969), and hydrous oxides of Fe and Mn (Wada and
Gunjigake 1979). The adsorption of Fe(Il), the primary valence state under reducing
conditions, has not been studied in any degree of detail. ‘

The adsorption of Fe{IlI) on silica (Schindler et al. 1976, James and Healy 1972a)
and clay minerals (Fordham 1969) is strongly pH dependent (Table 13-1). The
adsorption edge of Fe(III) on silica occurs almost three pH units below that of Pb
and Cu, two strongly adsorbing trace metals (Schindler et al. 1976; James and Healy
1972a). The pH of the adsorption edge for each metal qualitatively correlates with
the value of the first hydrolysis constant. At pH values below 3, the adsorption of
Fe(IIl) by clay minerals (Fordham 1969; Page and Whittig 1961) and silica (Schindler
et al. 1976) is accompanied by the release of 1.0 to 1.2 protons for each Fe ion

adsorbed. Adsorption may occur through surface complexation,

SOH + Fes™ = sOFe?* + WY (13-1)
SOH + Fe3* + H,0 = SOFeOH* + 2H* (13-2)
SOH + Fe3* + 2H,0 = SOFe(OH), + 3H* | (13-3)
SOH + 2Fe3* + 2H,0 % SO(Fe ), (OH)F+ + 3u* (13-4)

Reactions 13-3 and 13-4 can occur only at low concentrations of Fe(Ill) (~1O'8 M)
when pH is >6, Above pH 2, FeOHet s likely the dominant adsorbing species.

The effects of competing cationic elements and soluble ligands on Fe adsorption is
poorly documented; however, the adsorption of Fe(IIl} by clay minerals is unaffected

by the presence of NOj, SOE', or C17 (Page and Whittig 1961). MWater soluble organic
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ligands (e.g., fulvic acids) may form strong aqueous complexes with Fe(III) (Perdue
et al. 1976; Schnitzer 1969), maintaining solution concentrations at far higher
levels than that predicted by solubility considerations alone. These complexes
will, in general, increase iron mobility through soil/land/subsoil systems. They
may, however, be adsorbed by certain mineral constituents (Dawson et al. 1978).

Autoradiography and electron microscopy reveal that at low aqueous concentrations of
Fe(III) specific adsorption occurs on clay minerals at the particle edges where
exposed A1-0OH groups exist (Fordham 1973). Increased solution concentrations induce
precipitation of an evenly distributed coating of Fe(III)-oxides on the clay
surfaces, beginning at the particle edges.
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Table 13-1. ADSORPTION CONSTANTS FOR IRON

Adsorbent Adsorbate Electrolyte Adsorption Msasurements Reference
3 Syh. (o
Ident ity moq/1009 m/q __ Conc,, M Idontity Cone,, M pH_ Constonts'® vatue P
Clay Minerals
Keolinite - 15 107107 e, 0.05 SoALK 14.3, 5.5 Fordham 1969
Ca-saturated - 107243 - 1070 cocl, 0,05 4 L (14,9, 6.0 '
8entonite, Na-torm - - 0 - 0,015 - - 3 Am, KL (6180, 2.8) Rengasamy and
(4920, 2,9)
titite, Na~ftorm - - 0 - 0,005 - - " " Qodes 1977
KaolInlte, Na-form - - 0-0.015 - - " " (1430, 2.6}
-2.5
Montmor!|lonlte - - 10 - - 0.5 A 220 Page and Whittlg 1961
Na-form - - 0% - - 1,0 A 260
.6 A 280
52,1 A 280
—
w
1 - =
o Hetarm - R I R - T A KL (460, 4,2)
Sttica
s10, - 372 - NaC 10, 3.0 0-5 'K? S10Fe -1,77 + 0,04 Schindler et al, 1976

-a;(smzfe -4,22 ¢ 9,95

int
s10, - - - NaC10, 3.0 - K (5.4, 6,0 Stumm ot al, 1976
L int
Kraon
~3.9
510, - 5 10 - - 2,7 A 4,0} Jamos and Healy 1972a
510, - 5 10739 - - 1.5- A -8,5 Jamos and Hesly 1972b
2 . 85 pom ¢ y

3.0
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Table 13-1 (Contd).

ADSORPTION CONSTANTS FOR IRON

Adsorbent Adsorbate Electrotyte Adsorption Measurements Reference
CeC SaA. (@)
Identity meq/100g m°/q Conc., M Vdentity Conc., M pH_ Constants' ™ value®
Sitica
sio, - 5 w00 - - N 2.2 Jamos and
3.0 it Healy 1972b
n
-4
"Fo0H -0
Int
*Kea(OM) =541
2
int |
K -11,9
oH .
rez( )2
Int
K
Fo (5,0
int
KFeOH 6.2)
-3.4
SIO2 - 2,06 0-10 - - 2.5 Am' KL .5, 6.4) O'Malla and Stumm
3.0 A, K (1,0, 6.7 1967
m L
Organlc Matter
Humlc acld (soll) - T A T R A - 24 ALK 1760, 3.2) Kerndorft end
Schnitzer 1980
Soll g Clay
-2.7 )
Clay 54 9 51,3 10 municlpal - 5.4 Pv, CL (4,5, 2,0 Antiola and
. 2.7 waste Fulter 1980
Stity clay 31 19 61,5 10 °° leachate 5.4 Py, CL 6,5, 3.4)
loam
-2,7
Sandy loam 5 6 19,5 10 5.4 PY, CL 4.3, 1.3
-2.,7
Sandy loam 1A 10 38,3 10 5.4 PV, CL (4.3, 1.5)
-2.7
Sand. 8 10 8.9 10 5.4 Py, CL (1.5, 0,2)
-2.7
Sand 4 2 8.0 10 5.4 Py, CL (1,0, 0y
(a) Am = Langmulr adsorption maximum, pmol g-‘
K, = Langmiir constant, log ﬁ-'
A = adsorption, pumo! g_|
'K?, 'R; = surtace complexation constants for lonlc specles, log

int
KM = Intrinsic adsorption constant for lonlc species, fog

A = tree snergy of sdsorption, k8 mol”

chem nd

PV = pore volums to 50§ breakthrough
-1

CL * colum loadlng, ymo! g

(b) ¢ )} » astimated values




Section 14

LEAD

In natural aqueous environments, lead (Pb) primarily exists as Pb(Il). The dominant
aqueous species are Pb?+ in acidic conditions and Pb2+-carbonate complexes in
alkaline conditions. Both precipitation/dissolution and adsorption/desorption
appear to control Pb concentrations. Lead-phosphates in noncalcareous sediments and
PbCO3 in calcareous and alkaline soils sediments have been reported to be
solubility- controlling solids. Iron and Mn oxides are strong specific adsorbents
for Pb. In addition to specifit adsorption, Pb retention also occurs through ion
exchange. Except at high Pb concentrations where ion exchange predominates,
competing ions appear to have little effect on Pb adsorption. Information is not
currently available to determine if Pb adsorption in subsoil/substrata is

significantly modified by other solutes present in utility waste leachate.

RELATIVE STABILITY OF SOLID AND AQUEOUS SPECIES

Naturally occurring lead (Pb) has three oxidation states: O (metal), Pb(II), and
Pb(IV). In ground waters, Pb primarily exists as Pb(II); it exists as Pb(IV) only
in extremely oxidiéing conditions, outside the environmental pH and Eh range. In
addition, solid compounds of Pb(IV) will not form under environmental conditions
(Lindsay 1979). Some of the Pb(Il) compounds with relatively low solubility include
Pb-carbonates [PbCO3, Pb3(C03)2(0H)o] and Pb-phosphates as well
Pb-phosphates-halides [Pb3(P04),, Pbg(P0O4)3Br, Pbg(PO4)3C1] (Lindsay 1979).

To determine the relative abundance of Pb(II) species in ground waters

representative of leachates, activities of different Pb species (Pb2t fixed at
10‘7‘ﬁ_or controlled by cerrusite) were plotted (Figure 14-1) using the
thermodynamic data (Truesdell and Jones 1974; Ball et al. 1980) contained in the
geochemical model MINTEQ (Felmy et al. 1983). Under the assumed conditions

(Figure 14-1), Pb2* followed by Pb502 is the dominant agueous species in ground
waters of pH values <7. At pH values 27, Pb-carbonate complexes are dominant. With
the exception of PbC1* which contributes approximately 8% to the total soluble Pb at

pH values <7, other Pb complexes with Br™, F7, NO3, I7, and OH™ do not contribute

significantly to the total Pb in solution.
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Figure 14-1. Activities of diffsrent Pb(1I) species when
activity of Pbe* s f%xed at 10~ 05 onEro]]ed by
cerrusite (PbC03), S0~ =,C1~ = 1077, Mg T = NOg =

F™ 5 %9' , Br™ = 17 = 107" and COp(gas) =

1077~ atmospheres.

PRECIPITATION/DISSOLUTION

Nriagu (1974) pointed out that Pb phosphates can readily precipitate and could be a
major factor in the biochemistry of Pb. However, no direct identification of Pb
phosphate precipitates in natural aqueous systems has been made. Santillan-Medrano
and Jurinak (1975) studied the chemistry of Pb in soils and concluded that the solu-
tion concentrations of Pb appear to be regulated by solid phases that include phos-
phates. Several Pb compounds [Pb(OH)p, Pb3{(P0O4)p, PbgO0(P0Og)o, Pbg(P0O4)30H], depend-
ing upon pH, appeared to be controlling the solubility of lead in noncalcareous
soils. Depending on the pH, PbCO3 was found to be the controlling phase in cal-
careous soils. Jenne et al. (1980) also reported that PbCO3 appeared to control the
Pb concentrations in a few water samples from the Missouri tri-state mining area.

Most of the researchers studying Pb adsorption used fairly high concentrations of
Pb, but only a few made an attempt at estimating whether precipitation of Pb solids
could be controlling Pb concentrations. However, Pb(OH)Z was indirectly shown to be
the solubility-controlling solid phase in several experiments (Abd-Elfattah and Wada
1981; Lagerwerff and Brower 1973; Singh and Sekhon 1977a). For example, lead

14-2




g v e

e AL A

e b

T R e LA

carbonate was found to be the solubility-controlling solid in pH 6 leachates spiked
with Pb (Griffin and Shimp 1976). Hem (1977) states that lead carbonate and basic
lead carbonates are potential controls for Pb solubility, especially in alkaline
environments. Laboratory tests conducted with solutions of pH 8.6 spiked to

2070 ppm Pb showed that equilibrium lead concentrations were only 2 ppm. Because
the predicted Pb concentrations (13 ppm) in equilibrium with Pb hydroxy carbonate
were similar to the observed value, Hem (1977) concluded that lead hydroxy carbonate
was the controlling phase. Soldatini et al. (1976) also postulated the formation of
Pb carbonate in alkaline and calcareous soils spiked with 10-4.4 to 10-6 M Pb.

ADSORPTION/DESORPTION

Lead is strongly retained by soils and model adsorbents, by ion exchange and speci-
fic adsorption. The soil properties which most often correlate with Pb adsorption
are soil organic matter and clay content (Singh and Sekhon 1977a; Soldatini et al.
1976; Riffaldi et al. 1976; Abd-El1fattah and Wada 1981}, but studies with model
adsorbents clearly demonstrate the importance of Mn and Fe oxides (Gadde and
Laitinen 1974; McKenzie 1980). Although their apparent binding energies (Langmuir
K) do not vary appreciably, the adsorption capacity of individual soil constituents
decrease in the following order Mn oxides*, Fe oxides**, Organic Matter***, and clay
minerals.t -

The adsorption of Pb is strongly pH dependent (Table 14-1) on sediments (Salim and
Cooksey 1980; Brown 1979) Fe oxides (Balistrieri and Murray 1982; Forbes et al.
1976; McKenzie 1980; Gadde and Laitinen 1974; Benjamin and Leckie 1981) Al oxides
(Davis and Leckie 1978; Hohl and Stumm 1976) clay minerals (Griffin.and Shimp 1976)
and organic material (Bunzl et al. 1976). Under comparable experimental conditions,
lead adsorption is high and less pH dependent on Mn oxides (McKenzie 1980; Gadde and
Laitinen 1974). The Pb adsorption edge occurs at lower pH than that of Cu and Zn on
amorphous iron oxyhydroxide (Benjamin and Leckie 1981), hematite (McKenzie 1980),
and y-Fe0OH and y-A1,03 (Benjamin and Leckie 1980) suggesting stronger adsorption of
Pb. The exact cause for pH-dependent adsorption on hydrous oxides is difficult to
verify because both the properties of the oxide surface (charge and potential) and
solution composition (metal ion speciation) change with pH. Hence, the rise in
adsorption with increasing pH has been ascribed to various factors by different

* McKenzie 1980; Gadde and Laitinen 1974.
** Balisteieri and Murray 1982; Forbes et al. 1976; McKenzie 1980; Gadde and
Lajitinen 1974.
*** Bunzl et al. 1976; Bunzl 1974a and 1974b; Kerndorff and Schnitzer 1980.
t Bittell and Miller 1974; Griffin and Au 1977; Griffin and Shimp 1976.
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investigators including: adsorption of the hydrolytic complex PbOH+ (Davis and
Leckie 1978), adsorption of Pb2+ with decreasing surface positive charge (Barrow
et al. 1981), and formation of bidentate surface complexes with Pb2+ (Hoh1 and Stumm

1976).

The effects of competing ions on Pb adsorption (Table 14-1) is strongly dependent on
whether Pb solution concentrations exceed the specific adsorption capacity of
soil/subsoil or an individual adsorbent. The specific adsorption of Pb on oxides of
Mn (Gadde and Laitinen 1973; Gadde and Laitinen 1974), amorphous Fe oxhydroxide
(Benjamin and Leckie 1981) and goethite (Balistrieri and Murray 1982) is relatively
unaffected by other metallic cations (Cu, Zn, and Cd) in equal concentration.

: 2+ at 1072 M) may,
due to their weak specific adsorption, decrease Pb adsorption to Fe oxides

However, high concentrations of certain divalent cations (e.g., Mg

(Balistrieri and Murray 1982). Increasing ionic strength with NaCl, NaC104 or NaNO3
has little effect on Pb adsorption by Fe oxides (Balistrieri and Murray 1982;
Swallow et al. 1980). Under conditions where cation exchange is the prominent
adsorption mechanism, such as on clays or in soil at higher Pb concentration (e.g.,
10'4 M), the presence of metal (e.g., Al, Fe) and alkaline earth (Ca, Mg) cations
reduces Pb adsorption through exchange mass action (Griffin and Au 1977; Griffin and
Shimp 1976; Soldatini et al. 1976; Riffaldi et al. 1976; Lagerwerff and Brower
1973). Exchange selectivity coefficients indicate Pb is more strongly bound than Ca

or Al (Lagerwerff and Brower 1973; Bittell and Miller 1974).

The infiuence of complexing ligands on Pb adsorption has not been studied in

_detail. The adsorption of Pb on amorphous Fe oxyhydroxide is unaffected by C]Oi,

but is reduced at higher concentrations of (31"(10'1

M) by formation of di- and tri-
chloro solution complexes (Swallow et al. 1980). In two separate instances, C1~ has
been observed to have no effect (Balistrieri and Murray 1982) and to increase Pb
adsorption on goethite by formation and adsorption of PbC1~ complexes (Barrow et al.
1981). Nitrate has no effect on Pb adsorption by goethite while SOZ' (10'2 M)
increases adsorption, possibly by decreasing positive charge through specific
adsorption (Balistrieri and Murray 1982). Limited evidence suggests that
organically complexed Pb {e.g., by humic acids) may be adsorbed by clay minerals

(Griffin and Shimp 1976; Hatton and Pickering 1980).

The adsorption of Pb on soils and sediments (Singh and Sekhon 1977a; Soldatini
et al. 1976; Riffaldi et al. 1976; Ramamoorthy and Rust 1978) and clay minerals
(Griffin and Shimp 1976) at constant pH, often conforms to the Langmuir isotherm

over a narrow range in Pb concentration. When exchange-adsorption is the prominent
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mechanism, selectivity coefficient (Abd-Elfatta and Wada 1981; Bittell and Miller
1974; Lagerwerff and Brower 1973) or the competitive Langmuir equation (Griffin and
Au 1977) apply if competing cationic solutes are present. At higher concentrations
of Pb, both specific and nonspecific multiple adsorption sites become important and
the Freundlich equation best describes the adsorption data (Soldatini et al. 1976;
Riffaldi et al. 1976; Salim and Cooksey 1980).

The pH-dependent adsorption of Pb on a number of amphoteric.oxides, hydrous oxides,
and a sediment has been simulated using electrostatic adsorption models, The
adsorption of Pb by silica (Schindler et al. 1976; Davis and Leckie 1978), aluminum
oxide (Hohl and Stumm 1976; Davis and Leckie 1978), and iron oxides (Davis and
Leckie 1978; Balistrieri and Murray 1982) can be accurately described using a

2+

surface complexation model in which Pb™ and PHOH™ replace protons on surface

hydroxyl groups, i.e.,

o'
SOH + PpT = sopb™ + nt
K int
son + PoZ* + w0 PRI (sopbon ) + 2"

Others suggest that only Pb2+

(e.g., Hoh) and Stumm 1976; Barrow et al. 1981) and
select solution species (e.g., PbC1+) (Barrow et al. 1981) participate in surface
complexation reactions. It is possible through careful control of experimental
conditions and extensive measurements to describe the pH-dependent adsorption of Pb
by a heterogeneous mineral matrix (sediment) using an electrostatic adsorption model

(Brown 1979).
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Table 14-1.

ADSORPTION CONSTANTS FOR LEAD

Adsorbent tlectrolyte Adsorption Measuremonts
CEC S.A.
1dant 11y ™) meq/100g n/g ldentity _ Conc., M pH_ Constants Volue'S!
Ctlay Minerals
v 107 ko 0.60
Montmorillonlte 100,.8 - c 0 - KCa .
Montmort|tonite - - CB(C|04)Z 0.1 5.0 Am, KL (440, 3,1-3.4)
[} ]
Montmorl|lonlte - - Landf 11t ~0.1 5,0 Am' KL 8.8, (4.3)
leachate
(K] [N
Am , KL 5.38, (2.1
- - - - 5.0 Am 398
- -3.6 Pb
Kaolinite 2,2 - (9] to - KCa 0.34
Kaciinlte - - - - 5.0 Am 76,8
- - NaC | 0.1 5.0 Al 49,4
1 [}
- - Landf i1 ~0,1 5.0 Am, KL 8.1, 4.h
" "
feachate Al 4.2, (3.0)
. - Landt i1 ~0,4 s.0 ', «! 4.8, (4.1
m
leachate " n
Am . K 11,6, (3.%
111te 15.4 - cr” 1072 - kP 0.44
Ca
Slilca
510, - 160 - - 4-7 *Kisiopp -5,09
#qnS -
BZ(SIO)ZPb 10,68
- - ~ _ _ int
810, Kep 2,1, 4,2
KInf

PbOH

Bittell and Mitler 1974

Griftin and Av 1977

Griftin and Shimp 1976

Bittell and Mitler 1974

Griffin and Shimp 1976

Blttelt and MIiier (974

Schindler ot al,
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Table 14-1 (Contd). ADSORPTION CONSTANTS FOR LEAD
Adsorbent Adsorbate Electrolyte Adsorption Messurements Reference
CeC S.A.
ldentlfy(a) moag/t00g m2/g Conc., M fdentlty Conc,, M pH Constanfs(b) Va!ue(C)
Silica
-6.3 Int
a-$10, - - 10 - - - KPb 4,6, 1.8 . Davls and Leckis 1978
int
KpboH
Alumina
-4 -
Y-A105 - Wt o e wio, 0l a7 =3Py 2.2 Hohl and Stumm 1976
R5AI00.Pb 8.1
2 2 M
iy .3, 9.1
Int
prou
-3.5
Y"“2°5 - - to - - - " 6,4, 8.9 Davis snd Leckie 1978
10743 - - - 4 -, 87
10783 - - - " 6.4, 10,2
Fe Oxldes
-7.1 -4.6 Int
Goathlte (a-FeOOH) - 5t.8 10 - 10 Seawater ~0.7 3-7 .K‘Pb' -1.8, -5.0 Balistrieri and Murray
int
.KPwH 1982
Ken's (8.6, 11,7
Int
KppoH
-4
Goethite - 89 10 - Nl!N()3 0,08 4-6 K": -2.0 forbes et at, 1976
-3 -2.2
Goathite - 75 10 - 10 l<N03 0.1 5.0 Am. ’<L (85, 2,9} McKenzie 1980
-3 -2,2
Hematlte (a-Fe_ 0.} - 20 0~ - 10 KNO 0.1 5.0 A, K {56, 3.2) McKenzle 1980
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Table 14-1 (Contd). ADSORPTION CONSTANTS FOR LEAD

Adsorbent Adsorbate Electrolyte Adsorption Measurements Reference
CEC %.A. (b
Iden'lfx(a) maq/100g m /q Conc,, M Identity Cone,, M pH_ Constants Valuo(C)
Fe Oxldes fcontd)
-3.3 -2.6
Amorphous FGZOB.HZO - - 10 - 10 -
aged 24 hr 5 Am‘ KL (2000, 28) Gadde and Laltinen 1973
frash 6 Am’ KL (2400, 4,9)
coprocipltation [ Am' KL (3700, 4.5)
aged 24 hr 6 Am. KL (2400, 4.10)
agad 24 hr 6 Am. KL (2700, 3.9)
Amorphous Fa_0 +H o - - 10_6'3 - - - KI"' 6.9, 11,1 Davis and Leckie 1978
273 2 Pb 9, . n ]
int
Kpbon
Mp Oxides
-3.5 ~2.8
Hydrous Mn oxide - - 10 ] 10 - - 6 Am, KL (7000, 3.7 Gadde and Laltinen 1974
840, - 9@ 1070-10%7 e 0.1 5oALK (2600, 4.0) McKenzle 1980
-3 -2.2
cx—MnOZ(KZMnBO's) 206 107 -~ to KN05 0,1 5 Am, KL {2700, 3.8) McKenzle 1980
11 Oxlde - - - NeC10, 1.0 'K,’, SIOPb, -5.1, -10.7 Stumm ot al, 1976
*85(510),Pb
KF',';'. 8,0, 13.5)
int
pbom
Organic Matter
-4,6 -3.6
Paat - - 10 - 10 - - ~4 Am. KL (300-500, 3,7-5.3) Bunz! 1974a, 1974b
-4.6 -5,
Humic Acld - - 10 10 3.6 - - ~4 Am’ KL {560, 3.6) Bunzt ot al, 1976
-4,3 -3.3
Humlc acld - 10 - 10 - - 2,4 A, K Kerndorft and Schnitzer 1980

(52, 4,2)




3

6-b1

T N

Table 14-1 (Contd). ADSORPTION CONSTANTS FOR LEAD

Adsorbent Adsorbate Electrolyte Adsorption Measurements Reference
ceC S,A.
tdentity ! maq/100g m_2/9_ Conc,, M tdentity _ Conc,, M pH  Constants'®  vaiue!®’
Solt S Clay $0.C.
10,1 0.6t 6.96 - 0t L3R KC1 o ALK 1.0, 3.9 Singh and Sekhon 1977
3.2 1,26 18,2 T T e KCH 0.1 TALK 23, 4.9
10.4 0,69 6,09 T T KCt 0.t ALK 11,5, 3.8
24,6 0.15 12,18 T I T N KCt 0.1 T K 16.5, 4.5
20,2 0,76 10,44 B T T L KCH 0.1 T A K 1.5, 4.3
5.5 033 3.83 - w0 0.1 1AL K 8.5, 3.7
8.9 0.3  4.35 - 0™ i 0.1 1AL K 10.5, 3.7
Solt SCiay fO0M, Sol!.
6.8 7.8  32.5 - 1078 - gt - - (RIS 180, 4.2,  Soldatinl et al. 1976
Koo I 57.4, 0,15 Riftaldl ot al, 1976
cact, 0.05 1T ALK 112, 4.7,
Keo I 12,6, 0.33
4.0 0.9 8.8 - 108 e - - 8.2 ALK, 42, 4,2,
Kes N 14,4, 0,14
el 0,05 8.2 ALK 16,5 4,7
Keo I 4.3, 0,22
6.6 4.2 20,0 T T - - 19 ALK, 122, 4.4,
Keo N 43,6, 0,14
cecl, 0.05 1.9 AL KL 70, 4.6,
K., IN 16.6, 0.21
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Table 14-1 (Contd). ADSORPTION CONSTANTS FOR LEAD

Adsorbent Adsorbate Electrolyte Adsorption Measurements Reference
Cec W)
1dentiry'®) moq/100g Cone., M identlty _ Conc., M pH_ Constants vatue ‘S’
Soll $Clay £ 0.M, ol !
j - -4.4
7.6 2.1 16,2 1075 - 407t - - 8.3 ALK, 78, 4.5 Soldatinl ot al. 1976
Keo /N 30.1, 0,13 Rittsldl et al, 1976
coCl, 0.05 8.3 ALK 43, 4.3,
Keo IN 5.6, 0,27
23,1 4. 31,2 1078 - g7t - - B0 ALK, 242,4.8,
Kee N 82,5, 0,15
cect, 0.03 8.1 A K 119, 5,0
Kes I 25.8, 0,24
- -4 4
14,3 4,2 30,0 10 6 1o - - - 1.7 Am. KL, 158, 4,5,
KF’ /N 54,6, 0,15
cect, 0,05 L K. 79.5, 4.7,
KF' IN 18,8, 0.22
- -a,4
0.7 2.0 16.5 1078 - 107 - - 8.6 AL K, 84, 4.8,
Keo N 31,0, 0,14
ceCt, 0,05 8.6 AL K 21, 5.1,
Keo IMN 8.9, 0,18
- -~4.4
5.4 1.0 8.7 T 10 4 - - 5.7 Am. Kee 22, 4,4,
Keo 1IN 9.9, 0.11
CaCl, 0,05 5.7 AL Ko 7.5, 4.8,
K I/ 0.70, 0.37
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Table 14-1 (Contd). ADSORPTION CONSTANTS FOR LEAD

Adsorbent Adsorbate Electroiyte Adsorption Measurements Reterence
s} CEC SaA.
Ident |ty ° m™q/100g m /q Conc,, M identlty Conc,, M pH Consfanfs(b) Value‘C)
Soll % Clay $ Q.M Soit
-6 ~4,4
12,0 3.0 16,2 - 10 -10 - - 8.t Am, KL' 108, 4.8, Soldatinl et al, 1976
KF' /N 56.3, 0.09 Ritfaldl et al, 1976
CaCI2 0.05 8.1 Am, KL' 57.5, 4.5,
Ker I 7.9, 0.29
- ~-4.4
3.8 12 140 - w0t - - 5.8 ALK, 50, 4.3,
Keo IN 11.8, 0,20
CaClz 0.05 5.8 Am' KL’ 21, 4.3,
Kes IN 1.7, 0.38
= -4.,4
7.0 e 23,7 - 10 6 10 - - 7.6 Am. KL' 170, 4.4,
Ker IN 77.8, 0.1t
CLsCl2 0.05 7.6 Am, KL' 56, 4.6,
KF, IN 7.0, 0,31
- -4.4
1.7 1,4 8,7 - 107 - 10 - - 8.1 A, KL 94, 4.1,
Kee 1™ 33,0, 0.13
ceCl, 0.05 B ALK, 31,4,8,
Ke» IN 8,7, 0,23
-3, -3,0 -2,
Sandy toam - 59 - 1072+7 - 10 ACH, 10729 - 3.4 AL Ko (3.1-5,6, Lagerwertt and Brower 1973
wo'e? 3.8 3,5-3.8)
-2.5 -
Ca(:l2 1o e 4.9 Am' KL 6,7-17,0,

10 6,3 4.8-5.6)




Table 14-1 (Contd). ADSORPTION CONSTANTS FOR LEAD

Adsorbent Adsorbate Electrolyte Adsorption Measurements Reference
, CEC Syh.
Identlfy(a meq/100g m /g Conc,, ¥ Identity Conc., M pH Consfan?s(b) Va|ue(C)
Sol)
- - -2.7
SUIt Toam 205 - 10 0070 aicey 10 2.1 3= ALK (8.3-10.7,  Logerwerff snd Brower 1973
w0 '’ 3.8 3.6)
' 1072+° a9 X (15,3-18,9
caCl, ' - .- Ao K ) . .9,
107'-6 6.3 5.3-6.0)
Clay loam 184 - AICH 1072+ - 3.1- A, K (4.8-12.2
3 . m L . %
107 3.8 3,4-4,1)
caCl 1072 - 4.9- A, K (17.9-19.6
2 . w Kt . .6,
— 10 '-8 6.3 5.4-6,5)
Pacy
1
~ 3.9 3.0 Pb Pb
N Sandy toam 59 - 10 °°7 - 10 7°°  See above Karr Xca 0.31, 4,13 Lagerwerft and Brower 1973
SUIt loam 205 o 10737 2 1070 see above , VAL 0.11, 4,97
- - P
Clay loam 184 - 10772 10747 see sbove KA:’, KZ: 0.24, 1.1
Sediment $ OM TI SedIment
29.7 - T T - - T4 K, IN
I hr (0.42, 1,07)  Salim and Cooksey 1980
3 hr (1,08, 1,08)
7 br (2,21, 1,08)
15 hr (5.99, 1.07)
o . (6.15, 1,08)
-5.9 ~4,0
35,7 - - 10 ~ 10 - - - Am, KL 149, 5.4 Ramamoorthy and Rust 1978




Table 14-1 (Contd). ADSORPTION CONSTANTS FOR LEAD

Adsorbent Adsorbate Elactrolyte Adsorption Measuremsnts Reterence
CEC S, A.
(a) 2 (b) te)
fdentlty meq/100g m /g Conc,, M ldent!lty Conc,, M pH  Constants Value
Sedlment

3 Clay 3 0.C. Sedlment

12,6 3.3 - NG G - 1.0 Ao KL 24, 5D Duddridge and Walneright
13,2 3.7 - T L e - 7.4 A K (20, 4.9) 1981

3.6 0.81 - R D [ 6.8 A Ky (20, 4.7)

4.9 1,06 I T ML T\ L 7.1 A K (17, 4,9)

(a) 0.C. = organtc carbon
O.M. = organic matter

E1-v1

Pb P
(b} '&::, KA? 2 selactivity coefticlents
A

= Langmulr sdsorption mexlmum, pmol 9-1

KL = Langmulr Constant, log M»"
L} [} bt t
A KL’ AL K = two adsorption sites )
'KT, 'B; = surface complexatlon constants for lonle specles, log

K'M = Intrinslc adsorption constant for lonlc specles, log

K": = atflnlty constant, log
/N
KF' V/R = Freundilch constants tor A = KFC 4

(c) () = estimated values

; A = umot g-';C=u!
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Section 15

MANGANE SE

Manganese (Mn) is a multivalent element that forms several solids in its +2, +3, and
+4 oxidation states with +3 and +4 solids being more stable in oxidizing conditions
and +2 solids more stable under reducing conditions. Manganese{II)} is the primary
oxidation state in aqueous solutions. Very limited information is available on
precipitation/dissolution and adsorption/desorption mechanisms. The available data
suggests that MnCO3 may be the solubility-controlling solid under reducing
conditions and high pH and CO) levels. Limited studies indicate that at low Mn
concentrations (<10'4 M), specific adsorption is the dominant retention mechanism
while ion exchange is the dominant retention mechanism at'higher Mn

concentrations.

RELATIVE STABILITY OF SOLID AND AQUEQUS SPECIES

Manganese is a multivalent element and can exist in +2, +3, +4, and +7 oxidation
states. Manganese +2, +3, and +4 oxidation states form environmentally important
solid phases. Manganese{II) is the most stable and dominant aqueous oxidation
state, although Mn(IIl) and Mn(VII) also occur in solution. Lindsay (1979) has
recently reviewed the thermodynamic data -of Mn compounds and has calculated the
relative stability of Mn compounds. His calculations show that Mn(IV) and Mn(III)
compounds can occur under oxidizing conditions while Mn(II1) compounds can occur
under reducing conditions. Pyrolusite (B-MnO,) appears to be the most stable
compound under oxidizing conditions {pe + pH >16.6). Because small quantities of
foreign ions interfere with the formation of g-MnO, (McKenzie 1977), pyrolusite is
unlikely to form in soils. Manganese(III) and Mn(IV) containing nsutite (y-MnOj g)
are the second most stable species and readily form in soils (Zwicker et al. 1962;
Jones and Milne 1956), only under oxidizing conditions. Other Mn oxides (MnOOH,
Mn>03, Mn304) are expected to form under low COp and moderately reducing
conditions. Under reducing conditions and in the presence of C0p, rhodochrosite

(MnCO5) is expected to form in soils.

To determine the relative abundance of Mn(Il) species in ground waters represen-
tative of utility waste leachates, the activities of different Mn(Il) when MnZ+

15-1



fixed at 107° M or controlied by MnCO3 were plotted (Figure 15-1) using the thermo-
dynamic data reported by Ball et al., (1980). Below pH values of about 9.3, Mn2t
followed by Mn502 are the dominant species. At higher pH values (>10) MnHCO§ and
MnOH* become the important aqueous species. All of the other Mn(II) complexes [such
as MnC1*, MnF*, Mn(N03)§] do not contribute significantly to the total soluble Mn.

PRECIPITATION/DISSOLUTION

Precipitation/dissolution studies examining Mn aqueous concentrations are limited.
The data presented in Figure 15-1 showed that the MnCO3 maintains low Mn activities
and may be the solubility-controlling solid under reducing and reltatively high pH
and CO2 levels. Ponnamperuma et al. (1969) suggest the presence of MnCO3 at Tow
redox and other Mn oxides at higher redox values. Pasricha and Ponnamperuma (1976)
showed that MnCO3 may be the solubility-controlling solid for Mn2* levels observed
in soils. Based on Mn2* levels in soils maintained at constant redox and €0,
pressures, Schwab and Lindsay (1983) showed that Mn2* levels at low redox potentials
(pe + pH <15) appear to be controlled by MnCO3 while at high redox potentials by Mn

-5 Mn 2+
-6 - MnSOY
T MnCl*
8 I MnF*

LOG ACTIVITY
[Ie}
T

10 -

MnCI%
A1 F
2
//f:;::i;;NO§)
/4, ] 1 i
2 3 a 5 6

Figure 15-1. Activities of different Mn{II) species when
activity of Mn2* is fixed at 102 or controlled by
rhodochrosite (MnCos), S03™ = C17 = 1073, F~ = NOJ =
10-% and COZ(gas) - 10-3-52 atmospheres.
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oxides. Schwab and Lindsay (1983) also compared the activities of Mn 2 from the
data reported by several authors (Pasricha and Ponnamperuma 1976; Ponnamperuma

et al. 1969; Stollenwerk and Runnels 1979) to the MnCO3 solubility and showed that
MnCO3 may have been the solubility-controlling solid. McBride (1979a) observed
chemiadsorption of Mn by CaCO3 which he suggests may possibly lead to the formation
of MnCO3-.

ADSORPTION/DESORPTION

Manganese is an essential micronutrient, yet, its adsorption by soil has been
neglected in the agronomic literature. Manganese adsorption is complicated by redox
reactions that affect aqueous species and transformations and formation of Mn
compounds of different oxidation states.

The available literature does not allow a clear definition of the adsorption process
(Table 15-1) most important in Mn retention by soil (e.g., specific adsorption, ion
exchange or organic complexation). Regression analysis of the dependency of Mn(II)
adsorption capacity on soil properties commonly points to the importance of cation
exchange capacity (Curtin et al. 1980, Shuman 1977a), thus suggesting an ion
exchange retention mechanism at higher solution concentrations of Mn (>1O‘4 M).
However, the ad;orption capacity of many soils for Mn is usually far less than the
cation exchange capacity (Shuman 1977). Complexation by soil organic matter may
occur, strongly influencing adsorption at lower Mn(II) concentrations (Hemstock and
Low 1953). Clay minerals and hydrous iron oxide adsorb Mn less strongly than Co,
Ni, Zn, and Cu (Takematsu 1979). Manganese is weakly, but specifically adsorbed by
iron oxide (Takematsu 1979); and more strongly by various Mn oxides (Takematsu 1979,
Murray 1975). In calcareous materials, chemisorption to CaCO3 surfaces occurs,
possibly leading to formation of MnCO3 (McBride 1979).

The adsorption of Mn by clay minerals (Reddy and Perkins 1976; Hemstock and Low
1973), Fe oxides (McKenzie 1980), and Mn oxides (McKenzie 1980; Murray 1975;
McKenzie 1979) usually results in the release of 1.5 to 1.6 moles of H* for each
mole of Mn adsorbed at total Mn* < 10-0 M. For most surfaces, complexation by
hydroxylated Fe, Mn, or Al accounts for the release of H*:

SOH + Mn2* = SoMa™* + HY (15-1)

SOH + Mn2" < SOMnOH + 2H* (15-2)

15-3




However, the oxidation of the manganous ion at the surface of Mn oxides and
incorporation into a new surface solid phase may account for its removal from
solution (McKenzie 1980; Posselt et al. 1978).

MnZ* + MnO,(s) + 2Hp0 % 2MnOOH(s) + 2H* (15-3)
The adsorption of transition metals by soil (Doner et al. 1982) or Mn oxides {(Murray
1975) may release Mn(II) from the solid. This results from ion exchange of adsorbed

Mn by a more strongly binding metal (Doner et al. 1982) or from structural
replacement of Mn in the Mn oxide (Doner et al. 1982; Loganathan et al. 1977).

15-4
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Table 15-1. ADSORPTION CONSTANTS FOR MANGANESE

Adsorbent Adsorbate Etectrolyte Adsorptlion Measurements Reference
CEC S.A.
| (a) 2 (b (c)
dent |ty meq/100g m /g Conc,, M Identlty Conc., M pH  Constants Value
Ctay Minerals
Bentontte - - 0o - 10-3'0 - - 4,9 Am' KL, (126, t,9, Reddy and Perkins 1976
KF' 1IN 0,011, 0,94)
6.2 Am, K. - (83, 3.0,
KF’ IN 7.8, 0,26)
7.6 AL K. (130, 3.2,
KF' M 23, 0.18)
-3.0 8.8 Ant KL (186, 3.3,
1ilte - - 0-10"° - - KF, IN 4,3 0,48)
-2.9
Kaollnlte - - 0-10 4,9 KF' IMN (0,015, 1,13
. 6,2 " (0,011, 1,200
7.6 " (0,018, 1,17)
8,8 " (0,043, 1,07)
Montmorilionite 70 - 0,005 - 0,05 - - 5-6 Am' KI. (370, 2.8) Stuanes 1976
96 - 0,005 - 0,05 (610, 2.7
Kaolinite 4 - 0,005 - 0,05 - - 5-6 Am' KL (18, 2.9)
Yermicullte 70 - 0,005 - 0.05 - - 5-6 Am, ’KL (480, 2.7
Feldspar-Albite >0.6 - 0,005 - 0,05 - - 5-6 Am’ KL (1.3, 2.8)
Labradorite <2.5 - 0.005 - 0,05 - - 5-6 Am' KL 9.1, 3.5




Table 15-1 (Contd). ADSORPTION CONSTANTS FOR MANGANESE

Absorbent Absorbate Electrolyte Adsorption Measurements Reference
CEC S,A.
(a) 2 (b) (c)
tdentity mq/100g m /g Conc., M Identity Conc., M pH Constants Value
Mn Oxldes
Blrnessite (5-40,) - 08 107> - 10722 KNO, 0.1 5 ALK (1590, 3.6) McKenzle 1980
-3 ~2.2
Cryptomeiane ((1~-~Mn02 - 206 10 ~ - 10 KNO} 0.1 5 - Am' KL (1130, 3.5)
os KMng0yg)

Hydrous Mn0, sol- - - 0-1027 NaC10,  0.01 soALK (3230, 1.6) Posselt ot al. 1968

coprecipitation

¥-HnOOH - s6 1075 - 107® Seawater ~0,7 8 K, 30 Takematsu 1979
7 A Mno, - 33 1078 - 1078 " ~0.7 8 K, 3000
5-Mn0 - 61 1078 - 107® n ~0.7 8 K 50, 000
— 2 d
(@a]
1
o
fe Oxides
.78 -5.8
Hydrated Fe Oxlde - 215 10 - 10 Seawater ~0.7 8 Kd 20 Takematsu 1979
Catclte
Fine ~.1 049 1070 <078 - - 8 ALK (9.8, 4.3) McBride 1979
Coarse ~0.5 0.2z 1070 - 1078 - - 8 ALK 8.7, 5.2)
T
Sol i Clay O.M, Sol |
Clay toam A 28,1 2,37 12.43 - 0~ !0-2'9 NaZSO‘ 0,01 5.4 Am' KL 14,7, 3.4 Shuman 1977
82t 48.3 0.10  9.85 - 0-102% Na, SO 0.01 5.7 A, K 19,3, 3.4
274 m L
-2.9
Sand loam A 7.6 1,60 4,94 - 0-10 NaZSO4 0.01 6.7 Am, Kl. 8,7, 4,0
82t 36.0 0.07  5.98 - 0-102?° Na,80, 0,01 5.2 ALK 8.0, 3.5
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Table 15-1 (Contd). ADSORPTION CONSTANTS FOR MANGANESE
Adsorbent Adsorbate Electrolyte Adsorption Measurements Reference
{a) CEC SQA' te)
Identity 2 meq/100g m /g Conc,, M tdentity Cone, pH  Constants Vatlue ¢
4 3
Solt Clay O.M. Sol )
Loam sand A 5.1 0.92  3.20 - o-:o‘z': Na S0, 0.0l 5.4 AL, 0.91, 4.2 Shuman 1977
B2t 40,4 0.12 5,32 ~ 0-10 ¢ Na S0, 0.01 5.8 AL 9.3, 3.6
Loam sand A 2.4 1,14 3.13 - o-lo'z-: Na,50, 0.0 5.3 ALK 0.91 4.3
B2t 14,7 0,03 2,62 0-10"°" Na,S0, 0.01 5.4 AL 3.3, 3.7
Sol |
22,4 1,51 19,5 - |o';°; - 10‘2': - - 8.2 A 49 Curtin ot al, 1980
66.4 0.86 41.9 - 10'}'7 10'2'5 - - 8.0 74
55.4 0,58 42,2 - |0‘}'7 - 10 2‘6 - - 8.0 77
64.4 0.10 15,1 - 10 - 10'2'6 - - 8,1 48
21.4 0,43 11,3 - vo';'7 -0 - - 8.1 n 38
75.4 1,30 47.8 - 10'}'7 10-2'6 - - 8,2 » 10
51.4 0,54 36,9 - 10'3'7 - lo'2'6 - - 8.2 v 69
44,4 0,95 29,1 - 10'3'7 10'2‘6 - - 8.0 61
—_ 48,4 0.40 16,7 - 10'3'7 - 10'2'6 - - IR 42
o 74.4 0,56 36.4 -0 5'7 - 10 2'6 - - 7.7 0 68
- 51,4 0,46 37,4 - 10'5'7 10‘2'6 - - 8.0 64
69.4 0,50 42,7 - 10 3'7 -0 2‘6 - - 7.9 ¢ 72
62.4 0,52 33,4 - 10'3'7 10 2'6 - - 8.0 63
26,4 1,43 9,1 - 10‘3'7 10'2'6 - - 6,9 3
55.4 0,34 14,8 - 10'3'7 - 10‘2‘6 - 7.0 4)
28.4 0.54 15,4 - 10 3'7 10 2'6 - - 8,2 v 50
63.0 0.95 56.6 - \0'5‘7 10 2.5 - - 8.0 79
41,0 0.59 41,9 - 1077 (VI - - 8.0 69
-3.7 -2.6
17.0 0.19 45,0 SR LI - 7.5 68
45,0 0.84 33,4 - 107 10 - - 7,0 n 60
Sedimont
Indigencus Mn and Ca 46,5-68,3 - = Seawater ~0.7 ~8 Kg: 0.23-2.7 Menon 1980
(a) O.M. = organic matter
(b) A= Langmulr adsorptlon maximum, pmot g_‘
K= Langmuir constant, log ﬁ"
KF’ I/N = Freundtich constants ftor A = KFC]/N; A = pmol g—‘; C =M

d
Mn

Ky = distribution coefficlent, g g~

K = selectivity coefticlient

Ca
(c) () = estimated values

!
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Section 16

MERCURY

Mercury (Hg) in aqueous solutions can exist in several different oxidation states
(0, +1, +2) depending on the redox potential. Hg(II) forms strong complexes with
many ligands including halides. Under oxidizing conditions where Hg(II) compounds
are fairly soluble, the primary attenuation mechanism of Hg is expected to be
adsorption/desorption.‘ Particulate organic carbon and hydrous oxides of Fe and Mn
appear to be the most important adsorbents when Hg is present in low concentrations
(<10'5 M). Complexing ligands (such as halides) decrease adsorption but the effect
of competing ions has not been defined.

RELATIVE STABILITY OF SOLID AND AQUEQUS SPECIATION

Mercury is a multivalent element and in aqueous solutions can exist in 0, +1, and +2
oxidation states. Lindsay (1979) has recently reviewed the chemistry of Hg in
soils. Using the thermodynamic data reported by Lindsay (1979), information
regarding stabilities of solid and aqueous species were developed. The relative
solubilities of Hg solids as a function of pH and at various redox levels is
presented in Figures 16-1, 16-2, and 16-3. Al1l solid phases reported in Table A-6
were considered while constructing Figures 16-1 through 16-3. However, the
solubility of the solid phases changes dramatically with changes in redox potential;
solids not shown in any given fiqure are too soluble to fall within the graph
boundaries. Figure 16-1 shows the solubility of Hg solids in terms of ng+ versus
pH under oxidizing conditions (pe + pH 16). Mercuric iodide (Hglz) is the least
soluble solid at pH <8, with HgyI,(c) and HgCO3(c) becoming nearly as insoluble as
Hglo(c) at high pH. The formation constant for HgCO3(c) is of unknown quality and
should be viewed as only an estimate.

The concentrations of Hg® supported by different Hg solids is plotted as a function
of pH at pe + pH 9 in Figure 16-2. Liquid mercury [Hg(1)] is predicted to be the
least soluble phase above pH 3.8. The solubilites of the iodides of Hg depend upon
[ concentrations, and 1™ levels will dictate the conditions under which Hgplp(c)
will control Hg® levels. The relative solubility of Hg solids under reduced
conditions (pe + pH 4) is given in Figure 16-3. Under these conditions, a-HgS is

the least soluble compound.
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Figure 16-1. Relative solubility of Hg solid phases

under oxidizing conditions (pe_+ pH = 16) when 6
activitigs of C17 = S0z~ = 105 521' Br= = 107°,
zP = 107°, and C0,(gas) = 107°+2¢ atmospheres.
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Figure 16-2. Relative solubility of Hg solids at
pe + pH = 9.0.
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Figure 16-3. The relative solubility of Hg solids
under regucing conditions (pe + pH = 4) when
rS = 107

Figures 16-1 through 16-3 are useful in determining relative stability or solubility
of compounds, but are not useful in predicting the nature of dominant aqueous
species and the total concentrations of Hg expected to be in equilibrium with the
solids under different environmental conditions. Therefore, Figures 16-4 through
16-6 were constructed. In Figure 16-4, concentrations of various complexes in
equilibrium with Hglp(c) at pe + pH = 16 are plotted versus pH. Complexes
containing I~ are by far the most important over the pH range 3 to 9. Hg(OH)g(aq)
becomes dominant at pH values >9. The concentration of Hgl9, the predominant
species, would be 10-4.53 (6 mgL'lj at all pH values and all I~ concentrations as
long as Hgly(c) persists. Among the compounds considered above, Hgl,(c) is the most
stable under oxidizing conditions (Figure 16-1}. Because even HgIZ(c) is very
soluble (Figure 16-4), it is unlikely that any of the solids discussed would form in

oxidized environments.

In Figure 16-5, equilibrium is assumed with Hg(1) at pe + pH = 9. Hg® would pre-
dominate above pH 4 with a concentration of 10-6.52 M. The solubility of Hg in

16-3




ADSORPTION/DESORPTION

Considerable evidence suggests that organic material is the most important factor
controlling Hg adsorption in soils (Hogg et al. 1978, John et al. 1975) and on
sediments (Ramamoorthy and Rust 1978, Rogers et al. 1981, Ramamoorthy and Rust 1976,
Miller 1975). Regardless of pH, the affinity of humic acid (Kerndorf and Schnitzer
1980) or organic-rich sediments (Ramamoorthy and Rust 1978) for Hg is stronger than
most other trace metals (Cd, Cu, Zn). The hydrous oxides may also be important
adsorbents of Hg in soil. Manganese oxide is of particular importance and has high
affinity and adsorption capacity for Hg (Lockwood and Chen 1973). The adsorption
rate of Hg on sediment is 103 to 10% times greater than the rate of desorption
(Rogers et al. 1981). However, with time, microbial processes may lead to the
formation of elemental Hg, which is released to water even in the presence of humic
acid (Miller 1975). Although methyl-Hg is also adsorbed (Reimers and Krenkel 1974)
or may be synthesized in soils treated with inorganic Hg (Hogg et al. 1978), it does
not appear to accumulate due to its volatility or subsequent degradation.

Mercury adsorption is influenced by pH (Table 16-1). On some model adsorbents such
as silica (MacNaughton and James 1974) and Fe oxides (Inoue and Munemofi 1979,
Forbes et al. 1974), Hg exhibits a distinct adsorption edge. However, in the
absence of C17, the adsorption of inorganic Hg on many adsorbents is high and not
strongly affected by changes in pH between 5 and 8. Though an explanation is not
available, Hg adsorption on certain adsorbents may decrease at pH levels above 8
(Lockwood and Chen 1973, MacNaughton and James 1974) in contrast to other cationic
metals. Experimental evidence indicates that the predominant inorganic aqueous
species in this pH range,'Hg(OH)g, is the adsorbing species (Kinniburgh and Jackson
1978; Lockwood and Chen 1973, 1974; Reimers and Krenkel 1974; Bruninx 1975; Forbes
et al. 1974; Inoue and Munemori 1979). The coordinated hydroxyl groups appear to
act as bridging ligands between the adsorbent surface and Hg (Forbes et al. 1974).
A pronounced reduction in Hg adsorption occurs at lower pH in the presence of C1~
(Kinniburgh and Jackson 1978; Lockwood and Chen 1973, 1974; MacNaughton and James
1974; Reimers and Krenkel 1974; Forbes et al. 1974; Inoue and Munemori 1979). This
results from the formation of stable Hg-chloride complexes, primarily HgC19, which
are poorly adsorbed (Kinniburgh and Jackson 1978).

The formation of Hg(OH)%, a crucial step in the adsorption behavior of Hg, is
strongly dependent on the concentration and type of halide ions in the adsorbate
medium. Chloride, Br~ and perhaps 17 suppress Hg adsorption (Inoue and Munemori
1979) through formation of stable aqueous complexes. Flouride has little effect on

Hg adsorption.
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The adsorption of Hg by several soil constituents in the presence of C1°

(Table 16-1) has been studied in detail (Kinniburgh and Jackson 1978; Lockwood and
Chen 1973, 1974; Newton et al. 1976; Frenet-Robin and Ottmann 1978; Reimers and
Krenkel 1974; Bruninx 1975; Forbes et al. 1974; Inoue and Munemori 1978; Hahne and
Kroontje 1973). The neutral C1 complex (HgC]%) is not adsorbed by hydrous Fe oxide
gel (Kinniburgh and Jackson 1978, Bruninx 1975) or goethite (Forbes et al. 1974),
but may be weakly adsorbed by silica (MacNaughton and James 1974), hydrous Mn oxides
(Lockwood and Chen 1974), illite and montmorillonite (Reimers and Krenkel 1974),
The presence of C1~ hinders ng+ adsorption to carboxyl groups, but has little
effect on interaction with amine or thiol groups in artificial sediments (Reimers
and Krenkel 1974)., Mercury exhibited significant mobility in column studies using
simulated solid waste leachate and eleven soils from seven prominent soil orders
(Korte et al. 1976). The mobility in all soils was greater than that observed for
Cu, Pb, Be, Zn, and Ni and likely results from C1~ complexation; HC1 was added to
the leachate to retard precipitation. '

With the exception of the effect of the halides, Hg adsorption is relatively
insensitive to electrolyte concentration (MacNaughton and James 1974; Newton et al.
1976). However, the rate of adsorption is reduced by increased NaC]O4 concentration
(MacNaughton and James 1974). A small percentage (<0.3%) of Hg applied to soil in
sewage effluent is removed by selective chemical extractants (CaCl,, NH,0Ac, EDTA or
DTPA) (Hogg et al. 1978), suggesting the poor desorbability of soil-adsorbed Hg.
Increasing acid hydrolysis using strong mineral acid (6N HC1), however, produces
greater release of Hg (up to 90%). In contrast, >70% of Hg applied as Hg(NO3)2 is
desorbed from sediments by NaCl of nitrilotriacetate (NTA) (Ramamoorthy and Rust
1978). The extractability or desorbability of Hg depends on its distribution
between organic and jnorganic adsorbents. Mercury may bond strongly with certain
functional groups on soil organic matter; hence, Hg is less readily removed from
organic-rich substrates.
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Table 16-1. ADSORPTION CONSTANTS FOR MERCURY

Adsorbent Adsorbate Electrolyte Adsorption Measurements References
CEC S.A. (c)
Idenfify(a) mea/100g mz/q Conc., M tdentity Conc,, M pH Consfanfs(b) Value
Fe,05+H,0(am) - - 2.5 x 1077 NaNO 1.0 45 Ky : 2,08 Kinniburgh and
Jackson 1978
_Hanog + 1.0, 107 45 Ky 0.41
NaCt
-4.3
NaNO} + 1.0, 10 4.5 Kd 0.449
CaCl2
NaNO3 1.0 5.95 Ky 82,8
NeNOy + 1,0, 107 5.95 K, 46.2
HaCl
-4.3
NaNO, + 1.0, 10 5.95 Ky 43,7
CaCl2
-7 -6
Mn()z(am) 10" - 10 - - 6~8 KF' 1/N 9120 Lockwood and
Chen 1973
o N -7 -6
F2(OHy)am - - 10" - 10 - 5~8 Kg, 1/N 90.8, 0.76 Lockwood and
Chen 1974
1510, - 5.0 1077 HaCl0, 0.1 1~11 ’ MacNaughton and
James 1974
HaCl10, 0.1
+NaC KE -3.2

HaCl 0.0
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Table 16-1 (Contd).

ADSORPTION CONSTANTS FOR MERCURY

Adsorbent Adsorbate Electrolyte Adsorption Measurements Reterences
CEC S.A. ' (c)
lden:sry(a) meq/100g m_z/‘q_ Conc,, M Identity Conc., M _pH Consfanfs(b) Value
Bentonite - - 1070 Ca(Nog), 0,01 6.7 Kg 408 Newton
7.9 Ky 179 et al, 1976
8.9 Ky 19
10,2 Kd 141
1.0 Ky 163
caCi, 0.01 PH
6.6 Ky 30.0
8.1 Kq 58.5
8.9 Kq 144,
10.5 Ky 164
10.9 Ky 224
Soil Hogg et al.
1978
Asquith 7.23 1076 - 107 ceCl, 0.01 6.6 A, 1.6
clay-8.8%, Org C,-0.79%
Oxbow 26.0 7.6 12,3
clay-45,5¢%, Org C.-2.98%
Sediments Particle Ramamoorthy
0LC., ¥ slze, mm and Rust 1978
0.6 0.44 - - 1078 - 1074 - - - ALK 1.9, 5.9
3.2 0.007 - - 1076 - 1070 - - - A KL $5.8, 6.26
5.2 0.12 - - 107% 107 - - - Am, K 118, 5.91
35.7 0.16 - - 1078 _ 407 - - - A:, K, 53,6, 6.5
0.6 0.40 - - 1078 - 107 - - - As KL 13,0, 5.73
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Table 16-1 (Contd). ADSORPTION CONSTANTS FOR MERCURY

Adsorbent Adsorbate Electrolyte Adsorption Measurements Retferences

CEC S.A.
|d0nflfy(a) meq/100g mz/g Conc,, M ldentity Conc., M pH Cons?anfs(b) Value(C)
Sediments Particle

0.C., ¥ size, mm

_6 - -4 - _ - N
2.4 0.27 - - 10 10 Age K 16.7, 5.5
1.3 0.0\ - - 107 - 107 - - - A, K 237, 5.9
m L
1.2 0.23 - - 1076 - 107¢ - - - Ao K¢ 41,9, 6.33
94,5 0.25 - - 1076 - 107 - - - AL KL 96,4, 6,02
0.6 0.16 - - 1078 - 107t - - - AL KL 13.46, 6.11

() 0,C, = organic matter \

(b} Kd = distribution coetficient, g_] except Neuton et al, (1976) values In ml g

KF' 1/N = Freundlich constants for A = KFC]/ ; A, limot g_l; C, uM

£ exchange coetfticient, log .

= Langmuir adsorption maximum, iimol g

= Langmuir constant, log _Pi_

m X _» X

m
L
H - redox potentiat, mv




Section 17

MOLYBDENUM

Molybdenum (Mo) is a multivalent element, found primarily in +6 valence state in
aqueous solutions. In relatively dilute solutions of Mo where polynuclear species
are not important, MOOE- is the dominant aqueous speciés at pH values >4.3.
Precipitation/dissolution and adsorption/desorption reactions of Mo have not been
studied extensively. The available data suggest the possibility of iron molybdate
as one of the important solubility-controlling solids. It appears PbMoO4 may also
be an important solubility-limiting solid. Adsorption primarily occurs at low pH
values on hydrous oxides and amorphous aluminosilicates. Phosphate has been

observed to be a strong competitor for Mo adsorption sites.

RELATIVE STABILITIES OF SOLID AND AQUEQUS SPECIES

Molybdenum can exist in +3, +4, +5, and +6 valence states. However, in aqueous
solutions, only the +6 state has stability over a broad range of pH and Eh (Baes and
Mesmer 1976). The solubilities of different Mo solids in terms of equilibrium Mooz'
activities are plotted as a function of pH (Figure 17-1). The solubilities of the
metal molybdates [CoMoQOy, ZnMoQ,, Fez(M004)3, and PbMoO4] depend on the aqueous
activities of the metal ions. For instance, if FeOOH (goethite) were assumed to
control Fe3+ activity rather than Fe(OH)3(am), the solubility of FeZ(M004)3 would
increase due to the decreased levels of Fe3+. The relative solubilities of Mo
compounds decrease in the following order: CoMoQ,, ZnMoO4, MoO3(c), H2M004(c),
FeZ(M004)3, PbMoOa. The broken lines (Figure 17-1) in the PbMoO4 plot serve as a
reminder that Pb is of limited abundance in most environments. If Pb2+ activity is
assumed to be 1072 M, then the minimum solubility of PbMo0, in terms of MOOE' would

8

be approximately 10°° M. This type of information is useful when measuring or

predicting the solubility of trace elements in sofls and sediments.

The distribution of the HnMOOZ_2 and polynuclear species of Mo in equilibrium with
Fez(MoO4)3 and Fe(OH)3(am) is plotted as a function of pH in Figure 17-2. MoOi' is
the dominant species above pH 4.3. H2M002 dominates below pH 4. Cationic and
polynuclear Mo species are unimportant in this system. However, the polynuclear
species will become important if the concentrations of Mooz' are high enough.

17-1
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Figure 17-1. Relative solubilities of Mo solid phases
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Figure 17-2. The activities of Mo aqueous species
in equilibrium with Fe (MoO4)3 when Fe activities
are controlled by Fe(O )3(am).
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PRECIPITATION/DISSOLUTION

Solubility-controlling solids in soils and subsoils have not been definitely
identified, though their presence has been suggested by several studies. Barrow
(1974a) found that desorption of previously adsorbed M0042' became increasingly
difficult with time. This conversion to a form which is difficult to desorb is
consistent with the formation of an insoluble solid phase. Hem {1977) suggested
that Mo solubility in natural environments may be controlled by ferrous molybdate.
Reisenauer et al. (1962) showed that proton consumption and water loss during
sorption of M0042’ on ferric oxide was consistent with the formation of Fe2(M004)3,
ferric molybdate. Reyes and Jurinak (1967) also hypothesized the formation of iron
molybdate in Mo adsorption experiments with hematite. ‘

Vlek and Lindsay (1977) measured the solubility of Mo in soils ranging from pH 5.5
to 7.7. They found that the solubility of Mo did not follow the trends expected
from theoretical considerations. Vlek and Lindsay (1977) used thermodynamics to
demonstrate that PbMo0, (wulfenite) should be the most stable Mo compound in soil,
but when PbMo0, was added to the soils, the M0042' concentrations increased. It was

concluded that adsorption reactions may be responsible for controlling Mo in soils.

ADSORPTION/DESORPTION

The adsorption behavior of Mo in soils is strongly influenced by the presence of Fe
and Al oxides over a wide range in MoOs' concentrations (Barrow 1970; Karimian and
Cox 1978). Amorphous aluminosilicates (e.g., allophane) also have high affinity for
Mo (Gonzalez et al. 1974). Available evidence suggests that the principal adsorbing
species of Mo is HMoOi (Reyes and Jurinak 1967); Though a mechanism has not been
established, soil organic matter has also been proposed as an important factor in
controlling adsorption from aqueous solutions containing low concentrations of Mo
(Bloomfield and Kelso 1973; Karimian and Cox 1978).

Solution pH and ionic strength may strongly influence Mo adsorption (Table 17-1).
Less adsorption of MOOE' occurs on soils and soil minerals as pH increases due to
increasing negative charge density on amphoteric hydrous oxides or functicnal groups
(Hingston et al. 1972; Karimian and Cox 1973; Pasricha and Randhawa 1977; Theng
1971). This phenomenon is comparable to that observed for other anions (e.g.,
CFO%’, Seog', ASOE') where a marked adsorption edge is observed for Mo on model
adsorbents, specifically hydrous oxides. The adsorption of Mooz_ by soils increases
with increased ionic strength up to about 0.04 N (Barrow 1974; Gonzalez et al.
1974), possibly reflecting suppression of negatively charged interfacial potential.
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The presence of certain competing anions and soi]-saturating cations also influences
Mo adsorption. Increasing solution concentrations of poorly or weakly adsorbed
anions (C1™ or SO%') does not effect Mo retention, while Poﬁ’, which is strongly
adsorbed, sharply decreases molybdate adsorption (Barrow 1974; Gonzalez et al. 1974,
Karimian and Cox 1978). Additionally, phosphate readily displaces freshly-adsorbed
MOOE' (Barrow 1974; Gonzalez et al. 1974). Soils saturated with A13+ or Fe3+ may
adsorb larger quantities of M00§' than the same soils pretreated with Ca2+, NH4+, or
k* (Pasricha and Randhawa 1977). It appears that adsorbed Fe and Al hydrolyze and
may polymerize, thus reducing solution pH and forming hydrous oxide surfaces with
high affinity for Mo. In contrast, displacement of exchangeable Al, Fe, and H by

k*t or NHZ negates this effect and reduces Mo retention.

The importance of Fe oxides as a factor in controlling Mo transport in soils is
documented in the literature. For example, a soil c]ay isolate (<2 ym) consisting
mostly of the layer lattice silicates (kaolinite and illite) has two distinct types
of adsorption sites for MOOE- (Theng 1971). Following treatment to remove “"free" Fe
oxides, only one type of site of reduced capacity remains. Similarly, the adsorp-
tion capacities of allophanic soil clays for Mo are reduced by removal of Fe oxides
(Theng 1971). Adsorption of MOOE- by A]203, 5102, and soil likely occurs through
anion displacement or surface complexation (shown below) with the concomitant
release of two hydroxyl ions:

SOH + Mo0%™ + 2H,0 = SOH,HM00,, + 20H"

However, adsorption to amorphous Fe oxide between pH 4 and 5 produces 30H™ groups
per MOOZ- ion adsorbed, probably due to the formation of insoluble iron molybdate
(Reisenauer et al. 1962):

Fe(OH)y + MoDF™ = 1/3 Fe, (MoOy), + 1/3 Fe3* + 304™,

Molybdate adsorption in soils becomes increasingly irreversible with prolonged con-

tact time (Barrow 1974), supporting the possibility of a precipitation reaction

folluwing adsorption. Further, adsorption of MUOE‘ by hematite, a—Fe203, occurs
either at two types of sites or by two reactions (Reyes and Jurinak 1967). One
reaction is not affected by temperature, whereas the other is endothermic-and may be

due to adsorbate surface interactions or, perhaps, iron molybdate formation.
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Table 17-1. ADSORPTION CONSTANTS FOR MOLYBDENIUM

Adsorbent Adsorbate Electrolyte Adsorptlon Measurements Reference
CEC S,A,
{a) 2 (b) (c)
Identlity meq/100g m /g Conc., M Identity Conc,, M pH Constants Value
Soil Clays
Al lophane AB 2 5
untreated 35 291 10'7 - 10 s NaC|l 0.2 5.5 ALK 27.1,(4,9) Theng 1971
35 291 10 - 10 NeC| 0.2 4.0 ALK 100, (5,0)
treated with: . 5
- Dithlonite-cltrate - - 10-7 - 10-5 NaCt 0,2 4_.0 Am'KL 61,5,(4,8)
Polyphosphate - - 10 -0 NaC| 0.2 4.0 ALK 61,5,(4.8)
Al lophane A 7 .
untreated a9 50 lo'7 - IO—: NaCt 0.2 5.5 ALK 17.7,(4.5)
49 50 10 - 10 NaC! 0.2 4.0 ALK 60.5, (4,9)
treated with: ) 7 5 .
— Dithionite-citrate - - 10 ;" 10 5 NaC| 0.2 4.0 A 43.8,(4,7)
T Polyphosphate - - 10 - 10 NaCl 0,2 4,0 A 28,2,(4,7)
> m
Kaolln + Illite 25 130 IO-; - lo': NaC 1 0.2 5,5 A Kt 8.86, (4,6)
untreated 25 130 10 - 10 NaCt 0.2 4,0 } KL|| 15,6, (5,1)
n e KL 39.1,(4,4)
Fe Oxldes 6 3
(1--179203 - 10,4 10~ - 10 NaMoo4 variable 4,0 Am, KL 71.7,(5,2) Reyes and
.75 A 11,75,(5.3) Jurinak 1967
Fo,0,%xH,0(am) - - 0-107 NH,0Ac 0,004 4.4~ K., 1N, B 9550, 0.52,0,33  Relsenauer ot al.
. 5.5 1962
Alulmi ina - “ - 0-107 NH,OAC 0,004 4.4~ K, 1N, B 3550, 0,57,0.50
5.5
T1 Oxide - - o0-107 NH,OAc 0,004 4.4~ K, N, B 1900, 0.45, 0,50

5.5
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Table 17-1 (Contd).

ADSORPTION CONSTANTS FOR MOLYBDENIUM

Adsorbent Adsorbate Electrolyte Adsorptlon Measurements Reference
CEC S,A, b ()
|denﬂ1’1(a) meq/100g m /q Conc., M identity Conc,, M pH Consfanfs( ) Value '©
Soils § 0,C. $Free Fe Soi | Karimian
water/ and Cox
INKC | 1978
-4 -3
5,2 0,17 - - 10 ~ 10 - 5.4/4.5 KF' ™ 0,815, 1,21
-4 -3
38.6 0.25 - - 1o - 10 - 4,9/3.9 Am, KL 3,49, 4,38
KF' i/N 0,429, 0,320
-4 -3
66.0 0.24 - - 10 - 10 - 4,7/4,2 Am"KL 8,68, 4,04
Ke» 1/N 1.54, 0,584
-4 -3
81.3 0,4 - - 10 - 10 - 3.4/2,4 KF' iN 16,9, 0.905
-4 -3
1.8 0.32 - - 10 - 10 - 5.5/5.2  Kg» N 0.307, 1,07
-4 -3
0.7 0,14 - - 10 -~ 10 - 5.,6/5.2 KF' IN 0,228, 0,918
-4 3
2,1 5.4 - - 10 -10 - 5.3/4.8 A, KL 8,63, 4,11
KF' IN t.23, 0,459
-4 -3
0.6 0.57 - - 10 - 10 - 5.874,1 Am’ KL 4,46, 3,66
KF' 1/N 0,481, 0,571
Skaggs - - 0-10" NH 0A 0,004 4.4-5.5 K, I/N, B 300, 0,51, 0,50  Relsenauer
ot al., 1962
Cornlong - - 0-107 NHOAc 0,004 4.4-5.5 K., I/N, B 95, 0.48, 0,50
Chaml sal - - o - 10-5 NHAOAc 0.004 4,4-5,5 KF' iN, B 99, 0,64, 0.50
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Table 17-1 (Contd). ADSORPTION CONSTANTS FOR MOLYBDENIUM

Adsorbent Adsorbate Electrolyte Adsorptlion Measurements Reference
CEC S,A.
(2) 2 . : €Y I (c)
Identlty meq/100g m /g Conc,, M Identity Conc,, M __pH Constants Value
Solls v
-4 -
Loam -~ - 10 - 10 3 - - 5,9-6,2 KF' 1/N, (0,48, 0,12, Pasricha and
Untreated am, KL 1,06, 4,8) Randhawa 1977
-4 -3 ’
K-saturated - - 10 -10 - - 6.5-6,6 KF' /N (0,008, 0,89}
-4 -3
NH,-saturated - - 10 - 10 - - 6,0-6.6 KF' 1/N (0,003, 1,01
-4 -3
Ca-saturated - - 10 - 10 - - 6,0-6,2 KF’ /N, (0,16, 0.45,
Am' KL 2,64, 4,0)
-4 -3
Al-saturated - - 10 - 10 - - 3.8-4.9 KF' 1/N, (0,69, 0,37,
Ay KL 4,00, 4,9)
-4 -3
Fe-saturated - . - 10 - 10 - - 4,7-5,5 KF’ /N, (1.14, 0,44,
: A KL 1.77,-5.8)
Sand Loam 4 .
Untreated - - w0t o0 - - 6.6-6.7 K, I (0.011, 0.90
A KL 14,9, 2.7)
-4 -3
K-saturated - - 10 - 10 - - 7.2-7.5 Ke, IN, (0,009, 0,82, .
Am' KL 3,56, 3.2)
-4 -3
NH,-saturated - - 10 - 10 - - 7.0 Kr' /N (0,002, 1,17)
. ” - .
Ca-saturated - - 10 - 10 - - 6.6-6,9 KF' 1/N (0.00, 1,86)
-4 -3
Al-saturated - - 10  -10 - - 4,2-5,2 KF’ 1/N, (0,39, 0,33,
Am' KL 2,80, 4.5)
-4 -3
fe-saturated - - 10 - 10 - - 5.1-5,5 KF' 1I/N (0,76, 0,37

Aps K 4,11, 5.1)
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Table 17-1 (Contd). ADSORPTION CONSTANTS FOR MOLYBDENIUM

Adsorbent Adsorbate Electrolyte Adsorption Measurements Reference
CEC S,A.
(a) . (b) (c)
Identity meq/100g m /g Conc., M fdentity Conc,, M pH Constants Value
Soils £ Free § Free
fo Al Solt
-3.7 -2.7
5.2 1,2 16.1 - 10 - 10 None - 4.2 Am. KL 12,6, 5.0) Barrow 1972
CaCl, 0,002 - Am, KL (13,2, 5.8)
CaCI2 0,005 - Am' KL (20,3, 5.6)
CaCl, 0,01 - Am, KL (17,4, 5.8)
CaCl2 0,02 - Am, KL (18,6, 5.7)
0.8 0.3 10,3 T AR I el None - 5.2 A, K 0,71, 5.1
. m L
CaCl, 0.002 - A, K (1,15, 5,5)

N~ A Ane




\,a\,.z vewv - nm, v\L \LgLU,y, DI,3)
cecl,, 0.02 - ALK (2.02, 5.4)
2.1 0.5 26.3 T A Tl None - 6.2 A KL 0,47, 5,1)
caCt, 0.002 - Ay K (0.98, 5.1)
cacl, 0.005 -~ ALK (0.75, 5.4)
cacl, 0.01 - A K (1,12, 5.2)
.. cacl, 0.02 - A KL (0.90, 5.4) _
Sol | - - 1077 - 1077 cact, 0.01 - Ao K, (0.38, 5.6) Barrow 1970
-4.7 -3.2 )
- - - wes o, 0.01 AL K (1.64, 5.3)
- - 10 - 10 cacl,, 0.01 - A K, (1,67, 6.3)
-4,7 3.2 _
- - 10" <0 cecl, 0,01 A K (2.82, 5.8)
- - 1077 210727 cact 0.0 - AL, K (4.46, 5.7)
2 m L
- - 10747 _ 40732 CaC! 0.0t - A, K (4,66, 6.0)




Table 17-1 (Contd).

ADSORPTION CONSTANTS FOR MOLYBDENUM

Adsorbent Adsorbate Electrolyte Adsorption Measurements Reference
CEC S.A,
Idenflfy(a) meq/100g mz/g Conc,, M Identity Conc,, M pH _ Constants Value(C)
Sol ls
Org. Free Al lophane,
C, % Fe, % 3 Sol |
- -2
10,7 2.6 15.1 - - IO_; 10_2 - - 6,0 Am. KL’ 62,3, 2,23, (3,9) Gonzalez
11,4 2.9 16.0 - - 10 10 - - 6.1 A, K, 59,5, 2,32, (3.8) et al, 1974
m L
-3 -2
11,2 5,1 21.4 - - 10 3 10 5 - - 6.1 Am. KL 105, 2.66
1.3 4,3 16,5 - - lo'3 10'2 - - 6.0 A, K 93,7, 2.69
6.2 5.6 27.4 - - 10 10° - - 5.6 A, K 114, 3,19
m L
-3 -2
6.0 6.5 6.2 - - 10 5 10 ) - - 5.2 A, K., 37.0, 3.10, (9.5)
_ 4.6 6.4 9.8 - - 10_3 to_2 - - 5.3 ALK, 38,0, 3.28, (7.4)
< 1.4 6,4 13,6 - - 10 10 - - 5.5 A, K, 108, 2,76, (3.3
) m L
o -3 -2
14,9 4.7 17.6 - - 10 3 10 ) - - 5.3 AL, K, 52,1, 3,25, (9.3)
5.3 6,3 25,1 - - 10_3 10_2 - - 5.7 A, K 133, 2,93, (3.7)
4,5 1.1 24,0 - - 10 10 - - 6,0 A, K, 170, 2,99, (8.2)
m L
29.5 2,3 12,7 - - 'o’i 10-§ - - 5.3 AL K 25,1, 3,27
10,7 5.8 25.2 - - lo'3 10’2 - - 5.9 AL K 92,6, 2.95
7.0 4.5 24,3 - - 10 107 - - ‘5.5 A, K 100, 3,09
m L
-3 -2
5.6 5.0 20,4 - - 10 5 10 , - - 5.8 A, K 109, 3.07
8.0 5.8 20,4 - - 10 10 - - 6.0 A, K 198, 2,99

(a) 0.C, = organlc carbon

(b) Am = % ngmulr adsorption maximum, umol g_'

Am' Am

£ I/N = Freund!ich constants
= Langmulr constant, loa
1/

K

KL

B = constant for A = KFC
K

(

3
) = estimated values

M
—+8
{H 1_, varlatio
= selectivity coefficlent, POA- over MoO

= two adsorptlion sites

4 °

E of Freundlich equation with pH
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Section 18

NICKEL

Nickel (Ni) in natural aqueous environments exist as +2 valence state. NiFe204
under oxidizing conditions is predicted to be the most stable among compounds for
which thermodynamic data are available. Although N1'2+ forms fairly strong complexes
with 502', Niz+ is expected to be the primary species at low SO%’ levels expected in
utility waste environment. -Attenuation mechanisms of Ni have not been extensively
studied. Limited data suggests that NiFeZO4 under oxidizing and NiS under reducing
conditions may be important solubility-controlling solids. The relative importance
of ion exchange and specific adsorption of Ni has not been established. Nickel is
strongly, and possibly i}reversibly, adsorbed by alkaline soils. Cations, such as
Ca2+ and Mg +, have been reported to reduce Ni adsorption, through competition for
Ni adsorption sites. Anions, such as SOE', reduce adsorption through reduction in
N12+ activity as a result of complexation.

>

RELATIVE STABILITY OF SOLID AND AQUEOUS SPECIES

In natural aqueous environments, the +2 valence state of nickel is of primary impor-
tance. Nickel forms several compounds with different ligands such as OH™, SOE',
CO%‘, POE',,and Sz'. 0f these compounds Ni ferrite (NiFe204) is the most stable
compound under oxidizing conditions. The compounds of OH™, SOE', and of SZ’ (in
oxidizing conditions) are very soluble, and the stability of millerite (NiS)
increases with the decrease in redox potential. NiCO5 and Ni(OH)2 have relatively
fast precipitaton kinetics but the solubility product of Ni(OH)2 is considerably

Tower than that of NiCO3; thus, NiCO5 is not expected to be stable in geologic
environments.

To determine the relative abundance of Ni{Il) species in ground waters representa-
tive of leachates, activities of different Ni species [Nizf fixed at 10'7 M or
controlled by Ni(OH)z] were plotted (Figure 18-1) using the thermodynamic data
{Truesdell and Jones 1974, Ball et al. 1980) contained in the geochemical model
MINTEQ (Felmy et al. 1983). Under the assumed conditions (Figure 18-1), N1'2+
followed by NiSOﬁ is the dominant aqueous species in ground waters of pH values
<9.0. For a short pH interval (pH ~9.2 to 9.8), NiHCO§ appears to be dominant. At
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Figure 18-1. Activities of Different NiZ+ species when

activities of Ni2* Fixed at 10-7 or Controlled by

Ni(OH),, S0§™ = €17 = 1073, F~ = 10-4, Be~ = 10-5,

and CO,(gas) = 10-3.52 Atmoshpere.

pH values of ~9.8, hydrolysis species [Ni(OH)g, Ni(OH)3] appear dominant. However,
the thermodynamic data for hydrolysis species used by Ball et al. (1980) is from
Baes and Mesmer (1976) and the latter authors report that the values for Ni(HO)g and
Ni(OH)3 are uncertain. Other Ni complexes (NiC1*, NiF*, NiBr*) do not contribute
significantly to the total Ni in solution.

PRECIPITATION/DISSOLUTION

Precipitation/dissolution of Ni compounds in natural environments has not been
extensively studied. Hem (1977) used thermodynamic data to predict that NiFep0y
might control Ni2* concentrations in natural systems. Sadiq and Zaidi (1981)
supported this prediction with observations of NiZ+ on hydrous iron oxide. The
concentrations of NiZt were similar to those expected in equilibrium with NiFe,04.
Theis and Richter (1980) measured NiZ* adsorption on Si0y (quartz) and a-Fe0OOH
(goethite). They determined that Ni(OH),(am) was not the solubility-controlling
solid. However, NiFe,04 is less soluble than Ni(OH),(am), and Theis and Richter
(1980) did not consider NiFe,0, as the solubility-controlling solid. However, Theis
and Richter's data show that the amount of Ni* adsorbed by goethite is larger than
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that adsorbed by quartz and that the pattern of adsorption is consistent with the
possible formation of NiFe204. Bowman et al. (1981) observed partially irreversible
adsorption in basic soils, which suggests the formation of Ni solid phases.

NiS will only be stable in aqueous environments under reducing conditions. NiS has
been calculated to be the solubility-controlling solid for deep ground waters

(E. A, Jenne, Personal communication, April, 1983, based on unpublished data,
Pacific Northwest Laboratory, Richland, Washington).

ADSORPTION/DESORPTION

The adsorptive behavior of Ni in soil has not been extensively investigated.
Limited studies suggest that Ni may be strongly adsorbed by soil (Wangen et al.
1982, Bowman et al. 1981). Nickel is specificaly adsorbed by Fe and Mn oxides
(McKenzie 1980, Murray 1975, Jenne 1968). The specific adsorption affinity is less
than that of Pb, Cu, and Zn (McKenzie 1980, Murray 1975) but may exceed that of Cd
(Wangen et al. 1982). It is reasonable to assume that, like other cationic metals,
Ni adsorption in soils will be controlled by aqueous hydrolysis, specific
adsorption, and ion exchange. Thus, iron and manganese oxides, and to a lesser
extent, clay minerals are the most important adsorbents. This supposition is
supported, in part, by available literature (Bowman et al. 1981, Artiola and Fuller
1980, Sadiq and Zaidi 1981). Organic material, though of presumed importance
(Kerndorff and Schnitzer 1980), has not been identified as an important adsorbent of

Ni in soil.

Nickel adsorption is pH dependent (Table 18-1) on silica (Theis and Richter 1980),
iron oxides (Theis and Richter 1980; McKenzie 1980), and manganese oxides (McKenzie
1980; Murray 1975). In the absence of strong complexing ligands the adsorption edge
ranges from pH 5.5 to 8.5 depending on the adsorbent and experimental conditions.
The adsorption of Ni releases approximately 1 to 1.5 moles H" for each mole of Ni
adsorbed by iron oxide (Theis and Richter 19805 Kinniburgh et al. 1976; McKenzie
1980) and Mn oxides (Murray 1975); as many as 2.3 protons are released for each Ni
species adsorbed by Al oxides (Kinniburgh et al. 1976). These data indicate that
while Ni+2 is the predominant solution species of Ni below pH 8 (Méttigod et al.
1979; Theis and Richter 1980; Figure 18-1), NiOHT is preferentially adsorbed,
perhaps forming both mono- and bi-dentate surface complexes:

2+ +

SOH + Ni¢T < soNit + H (Ni-1)

SOH + Ni%* + Hy0 4 SONTOH® + 2" (Ni-2)
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250H + NiZ* + Hy0 5 [(S0),NiOH]™ + 3 (Ni-3)
SOHy + Ni2* + Hy0 =5 SONiOH® + 3H" (Ni-4)
Thermodynamic calculations (Koppelman and Dillard 1977) and ion speciation studies

(Mattigod et al. 1979; Bowman and O'Conner 1982) indicate that Niz+
Figure 18-1) is the primary adsorbing species for clay minerals.

(see

Competing cations and complexing ligands may significantly influence Ni adsorption
by soils and model adsorbents (Table 18-1). Increasing ionic strength with NaCl,
NaC10,, NaNO3, CaCl,, Ca(C10,), or Ca(NO3), reduces Ni adsorption by clays (Mattigod
et al. 1979) and soils (Bowman et al. 1981; Doner et al. 1982). Cationic
competition for adsorption sites and decreasing solution activity of N12+ are
possib]é explanations for this phenomenon. A greater reduction in adsorption is

observed when Ca2+

is the major cation, suggesting it is a more effective competitor
with Ni. Competitive adsorption experiments have not been performed with other
cationic metals. 'However, similarities in apparent adsorption chemistry suggest
that Zn and Cd may compete with Ni for specific adsorption sites on some oxides of
Fe and A1 (Benjamin and Leckie 1980). The addition of sulfate (Mattigod et al.
1979; Theis and Richter 1980; Bowman and 0'Conner 1982), citrate {(Theis and Richter
1980), nitrilo-triacetate (Theis and Richter 1980) and EDTA (Bowman et al. 1981)
reduces the adsorption of Ni by clay minerals (Mattigod et al. 1979; Bowman and
0'Connor 1982), silica and geothite (Theis and Richter 1980) and soil (Bowman et al.
1981) through formation of aqueous complexes with N12+. Formation of the strongly
adsorbing species, N10H+, is also hindered by complex formation. While glycine and

cyanide also suppress the adsorption of Ni2+ and NiOH" by goethite, specific
adsorption of Ni-complexes of these ligands occurs to a small extent (Theis and

Richter 1980). !

Limited studies indicate that the kinetics of Ni desorption from near-neutral and
basic soils may be slow (Bowman et al. 1981). This partially irreversible adsorp-
tion may indicate formation of an insoluble Ni solid phase which may further limit
the transport of Ni in the subsurface environment. In constrast, Ni adsorbed by
goethite (=pH 5.5) and kaolinite (pH 6.3) is desorbable with comparable kinetics to
adsorption (Wangen-et al. 1982).
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Table 18-1. ADSORPTION CONSTANTS FOR NICKEL

Adsorbent Adsorbate Electrolyte Adsorption Measurements Reference
CEC SaA.
(a) 2 b) tc)
Identlty maq/100g m /q Conc., M Identtty Conc,, M pH_ Constants Value

Clay Minerals

Kaolinite, 11.7 - 10 - 10 Ca(NOS)2 0,005 - a,b 0, 0,058 Mattigod et al, 1979
Ca-saturated " 0.001 b 0, 0.085
" 0.025 ab 0, 0.036
" 0.375 a,b ~0,040, 0,034
“ 0.005-0,375 a,b! 0.735 x 10°
CasO, 0,002, 0,005 a,bt 0,028, 10.4 x 10°
Na-saturated 1.1 - 1077 o007 wawo,  0.01, 00 a,b! 0, 185 x 10°
Na,S0,  0.003, 0.05 a,bt 0.062, 59.5 x 10°
- - AG(a,ds 6.5
Montmor i1 lonite - R Seawater ~0,7 8 Ky 0.2 Takematsuy 1979
Reductant-treated - - 10-6'5 Seawater ~0.7 8 Kd 0.2 -
red clay
Chiorlte 16 14 10728 - - 6.7 A 61,3 Koppe Iman and DI f lard 1977
iite 20 a9 1072:8 - - 6.2 " 40,9
Kaolinite 7 12 1028 - - 5.1 n 6.8
Sillca
ast0, - R NaClO,  0.0) 8.3 A ©0.29) Thels and Richter 1980
WCitrate 107 LI 0.13)
HNTA 1078 LI 10.27)
WTA 107> noon 0.12)
+Glyclne 1072 non (0,25)
Glyelne 107 " on (0.09)
N 1077 "o (0.10)
" a8 -6,5%

chem




Table 18-1 (Contd). ADSORPTION CONSTANTS FOR NICKEL

Reference

Electrolyte Adsorption Measurements
SeA.
idsnfl?y(a) meg/1009 m"/q Identity Conc., M pH _ Constants Value
Alumina .
Frosh Al oxide gel - NaNOy t.0 6.3 (8,6)
fe Oxides
Goethlte 85 NaCIOA 0.01 6,5 (14,4)
+ SO‘ 0,1t (1.5
+ CHrate 107 @.n
+ Clirate 1074 6.0)
+ NTA 107 (6.9
+oN 100 6.9)
) -5.3%
— -
s Fresh Fe oxlde ge! NaNO3 1.0 5.6 8,6)
[
[@)]
Hydrated fe oxlde - Seawater ~0.7 8 100
Goethite (afeOCH) 75 KNO3 0.1 6,0 10)
Homatite (a-Fe 20 KNO:s 0,1 6,8 10)
Mn Oxides
04"203 - 9] 0.t 5.2 (15)
Y-MROOH - cr” 0.1 5.6 (30)
M"SOA - ci 0,1 6,1 (98)
6—Mno2 98 KNO5 0,1 5 (690, 3.6)
(ﬂnOZ(KzMneow) 206 . KNOS 0,1 5 (500, 3.4)

Kinnlburgh et al, 1976

Thels and Richter 1980

Kinntburgh et al, 1976

Takematsu 1979

McKenzle 1980

McKenzle 1972

McKenzle 1980
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Table 18-1 (Contd). ADSORPTION CONSTANTS FOR NICKEL

Adsorbent Adsorbate Electrolyte Adsorptlion Measurements Reference
CeC SeA.
(a) 2 (b) tc)
Identity meq/100g m/q Conc,, M Identlty Conc,, M pH  Constants Value

Mn Oxldes (contd)
-6.5

a-MnOOH - - 10 Seawater ~0.7 8 Kd 10 Takematsu 1979
7A Mno, - - 1083 Seawater  ~0,7 8 K, 40
6-M‘102 - - - '0-6' 3 Seawater ~0,7 8 K, 300
Organlic Matter
Humlc acid - - ‘0-5.} - IO-}'3 - - 2.4 Am' Kd 9.2, 4,00 Kerndortf and Schnltzer 1980
10733 - - 6.0 A (125
il g Clay £ 0.C. Sol 1
STt 25 1.0 162 598 10708210738 cucy, 0.01 6.1 K, N 0.30, 0,95 Bowman ot al, 1981
1oam ] " 0.1 " " 0,057, 0,91
Ca(C10,), 0.1 " n 0.083, 0,94
10728 - 1078 cact, 0.01 " " 0.27, 0,57
-6.8 -3,8 )
Sandy 10,0 0.45 5.5 11,4 10 - 10 caCt, 0.01 6.5 K, IN 0.11, 0.87
loam
-6,8 -3.8
Loamy 3.4 0,17 1.6 0.5t 10 - 10 ceCl, 0,0t 6.7 K, IN 0.010, 0,92
sand " 0.1 " n 0,005, 0,87
Ca(C10,), 0.1 " o 0,007, 0,87
-6.8 -3.8
Sand 5.0 0,02 6,2 11,2 10 - 10 CaCI2 0.01 8,2 KF' /N 0,31, 1,18
-6.8 -3,8
Sand 7.7 0,04 8,1 10,9 10 - 10 CaCl, 0,01 1.9 K, IN 0,50, 1,02
-6.8 . -3.8 )
Sand 5,6 0,04 7.8 14,6 10 - 10 caCt, 0.0t 8.4 K, IN 0.37, 1.0}
~6,8 -3.8
Clay 57,0 0.97 35,2 177 10 - 10 CeCl, 0.0t 7.6 K., N 0.60, 1,03
" 0.1 " " 0,62, 0,95
Ca(Cl0,), 0.1 " n 0,73, 0,98
2
Clay 21,3 1, 18,5 65.9 1098 _ 10738 CeCl, 0,01 8.1 K, IN 0.51, 1.02
loam




Table 18-1 (Contd).

ADSORPTION CONSTANTS FOR NICKEL

Adsorbent Adsorbate Electrolyte Adsorptlion Measurements Reforence
CEC SuA,
(a) {(b) (c)
tdentity meq/100g m /g Conc,, M ldentity Conc,, M pH  Constants Value
Soll $Ctlay $0.C, Sohi
stit 27,0 1.5 19.0 71,6 10788 - 10738 CcaCl, 0.0 5.9 K, IN 0,44, 0.96
{oam
-6.8 ~3.8
Sandy 14,0 0,45 10.9 46,2 10 - 10 CaCl2 0.01 7.6 KF' /N 0,20, 0.99 Bowman et al,
loam " 0.1 7.6 K., IMN 0.13, 0.8!
Ca(‘CIO‘)Z 0,1 7.6 KF' /N 0.15, 0.85
-6.8 -3.8
Sandy 13,7 0.43 14,0 64,9 10 - 10 CeC), 0,0t .7 K, N 0.25, 0,98
foam
~-6,8 -3.8
Sandy 14,4 0.57 14,1 65.6 10 - 10 CaCl2 0,01 7.8 KF' N 0,48, 0.97
loam
'&)‘ Sol t a5 f
| 51 - 9 51.3 10_4'5 muntcipal - 5.4 PV, CL (3.1, 0,8) Artiola and Fulfter 1980
o 3 - 19 61.5 1077 solld waste - 5.4 PV, CL (5.2, 1.4)
15 - 6 19,8 10 '5 leachata - 5.4 PV, CL (3.0, 0,4)
" - 10 38,3 10 4'5 " - 5,4 PV, CL (6.4, 1,2)
8 - 10 8.9 10 4'5 " - 5.4 PV, CL 1,9, 0,14)
4 - 2 8.0 10 " - 5,4 PY, CL (0.6, 0,1)
-3.8
Sandy - 0.3 5 - 10 NaC) 0.1 6,7 PV, CL (125, 2.1 Coner et al, 1982
1oam " 0.5 6,5 " (65, 0,9
NaCl!J4 0.1 6,7 " (135, 2.2)
" 0.5 6.2 " (87, 1.3)
(a) 0.C, = organlc carbon :
(b) a,b = Intercept, siope of linear Isotherm, y = a + bx; y = pymol g_ 3 ox q In M
b' = slope where x = NI activity
AG:DS = tree enerqgy of adsorption, kcal mol-'
Ky = distritution cootflclent, ¢ g"
A = adsorption, ymot g_ .
A = Langmuir adsorption maxlm{m, pmol g-
m -
KL = Llangmuir constant, log M .
Kg» 1/N = Freundilch constants for A = K.C Noa ol o' c, ™

PY = pore volumes to 50% breakthrough
CL = column loading,pmol g_
(c) () = estimated values




Section 19

SELENIUM

Selenium (Se) exists in natural aqueous environments in -2, +4, and +6 valence
states. Most of the Se species in the environmental Eh and pH range (4 to 10) exist
as anions. Although some of the studies indicate precipitation may occur, no
definitive information on so1ubi]ity-controllingvsolids is available. Maximum
adsorption of selenate and selinite occurs primarily through specific adsorption in
the acidic pH range on geologic materials enriched in hydrous oxides of Al and Fe or
amorphous aluminosilicates. Sulfate is reported to compete for Se adsorption sites.

RELATIVE STABILITY OF SOLID AND SOLUTION SPECIES

Selenium is a multivalent element and can exist in -2, 0, +4, +6 valence states. In
aqueous environments, however, it exists in -2, +4 and +6 states., Using the
selected thermodynamic data (Table A-8), stability fields for various Se solution
species were calculated as a function of redox potential (pe) and pH (Figure 19-1).
Under reducing conditions, H25e° would dominate below pH 3.8 and HSe™ would dominate
above pH 3.8. The selenite species would predominate under intermediate-to-slightly
oxidizing conditions. H25e03 would be the major solution species when pH < 2.9,
HSeO§ when 2.9 < pH < 8.4, and SeO%' when pH > 8.4. Highly oxidizing conditions

(pe + pH > 15) are necessary for Se0§' to form to a significant extent.

To determine the relative solubility of the solid phases (see Table A-8) at various
redox potentials, Figures 19-2 and 19-3 were developed. The calculated activities
of the dominant solution species (HSef), under the assumed conditions, show that
FeSe, is the least soluble among the solid phases reported in Figure 19-2. Solid
phases in order of increasing solubility are FeSez, FeSe, CuSe, and Se(c). If an Fe
oxide less soluble then Fe(OH)3(am) were chosen to control Fel*
solubilities of FeSe2 and FeSe would increase. However, the solubility product for

activity, then the

FeSe, is not well defined and the value of K__ yielding the most soluble form is

sp
given in Table A-8. The Ksp values for CuSe and FeSe were experimentally determined
and "confirmed" by numerical approximation (Buketov et al. 1964), but the values are

still subject to errors of approximately *2.0 orders of magnitude.
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Figure 19-1. pe - pH diagram for Se - H,0 system,
at 25°C. Dashed Lines represent the upper and
lower stability limits of water.

Figure 19-3 represents the solubility of Se solids as a function of pH at pe + pH =
10.. As before, Fe(OH)3(am) was assumed to control FeZ* activity. Se(c) is by far
the least soluble phase. The ferric selenities [Fez(Se03)-2H20 and Fez(OH)4Se03]
are much more soluble than Se(c). The solubility product value of FeZ(OH)45603

is a crude estimate and the stoichiometry of this compound is not known with
certainty (Williams and Byers 1936). However, the similarity in solubility between
FeZ(OH)4SeO3 and Fe2(Se03)3-2H20 indicates that the two compounds may be the same
phase.

Figure 19-4 was constructed to show the effect of continuous change in redox (pe +
pH) on the solubilities of the least soluble solid phases discussed above. FeSe, is

predicted to control Se solubility up to pe + pH = 6.8. Beyond pe + pH 6.8, Se(c)
is predicted to control Se solution concentrations. Above pe + pH = 7.5, HSeO§
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Figure 19-2. Relative soclubility of Se solids at
pe + pH = 5 and in equiliblrium with Fe(OH);(am)
and a-CuZFe204.

pH

Figure 19-3. Relative solubility of Se solids at
pe + pH = 10 and in equilibrium with Fe(OH)3(am),
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rather than HSe~ dominates. At this redox potential (pe + pH = 7.5), Se(c) solu-
bility increases dramatically with increasing redox potential. The solubilities of
Fe2(5603)3-2H20 and the selenates at pe + pH > 12.5 are very high. As a result they

are unlikely to form under environmental levels of Se.

PRECIPITATION/DISSOLUTION

Although several solid phases [such as Se(c), FeSez] are predicted to be stable
under relatively reducing conditions (see above) and some of the studies indicate
precipitation may be occurring, no definitive information on solubility-controlling
solids is available. Fe,(0H),(Se03) was proposed (Gerring et al. 1968) to help
explain the insolubility of Se in soils as well as the strong association of Se with
Fe in precipitates. Benjamin and Bloom (1981) observed that metal ion adsorption
onto amorphous iron oxyhydroxide was enhanced in the presence of adsorbed Se. It
was postulated that the enhanced metal adsorption was the result of the formation of
an Fe-Se solid phase on the oxyhydroxide surface. Hingston et al. (1974) and Hamdy
and Gissel-Nelson (1977) gave indirect evidence of the formation of Se solids. Both
groups of researchers observed that selenite was irreversibly adsorbed: on
crystalline iron oxide surfaces (goethite, hematite), which is an indication of the
possible formation of a solid phase.

ADSORPTION/DESORPTION

Selenium retention in soil has not been studied extnsively. Limited studies
indicate that in spite of their anionic nature, selinite [Se(IV)] and selenate
[Se(VI)] may be adsorbed significantly by some soils. The experimental evidence
suggests that cryptocrystalline and amorphous forms of 5102, A1203, and Fe203
control Se adsorption (John et al. 1976; Singh et al. 1981). Studies with pure
mineral phases demonstrate that hydrous oxides of Fe and Al and amorophous alumino-
silicates have a high affinity for Se(IV,VI) (Leckie et al. 1980; Hingston et al.
1968b; Hingston et al. 1974; Rajan 1979; Rajan and Watkinson 1976) which signifi-
cantly exceeds that of layer lattice silicates (Frost and Griffin 1977a; Hamdy and
Gissel-Nelson 1977). Though selenite (pK2:7.9) and selinate (pK2;1,7) differ
appreciably in their acidity, little difference is seen in their adéorption by soil
(Singh et al. 1981). Selenate may be adsorbed more strongly by clay minerals than
selenite (Frost and Griffin 1977) while the inverse holds for hydrous oxides of Fe
(Leckie et al. 1980; Benjamin and Bloom 1981).
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Figure 19-4, The effect of redox potential (pe + pH) on
the solubility of FeSe,(c) and Se(c).

The adsorption of Se(IV) and Se(VI) on goethite, amorphous iron oxyhydroxide, and
gibbsite is strongly pH dependent (Table 19-1) (Hingston et al. 1968; Leckie et al.
1980; Hingston et al. 1972). These anions are strongly adsorbed under acidic
conditions, but fractional adsorption decreases with increasing pH. Decreasing
adsorption occurs in a pH region characteristic of each anion. The adsorption of
Se(IV) and Se(VI) are controlled by and influence the surface charge on the
adsorbent. Limited experimental evidence suggest that, at a given pH, Se adsorbs to
neutral and postively charged amphoteric oxide surfaces displacing water, hydroxyls
and other adsorbed ligands (e.g., sulfate, silicate) until the surface is neutral in
charge (Rajan 1979; Rajan and Watkinson 1976).

The presence of competing anions (Table 19-1) may reduce Se(IV) and Se(VI) adsorp-
tion by utilization of limited ligand exchange sites and reduction in surface net
positive charge. Phosphate reduces Se adsorption on goethite, though some sites are
specific to Se (Hingston et al. 1971). Sulfate reduces SeOE' adsorption on
amorphous iron oxyhydroxixde in a manner consistent with the competitive Langmuir
equation (Leckie et al. 1980). Selenite adsorption on amorphous Fe oxyhydroxide in
the presence of fly ash leachate containing SOE—, Ca2+, K+, and Na+ differs
appreciably from adsorption in inert electrolyte (Leckie et al. 1980). Selenite
adsorption in fly ash leachate below pH 10 is reduced by competition with SOE', but
is increased above pH 10 by the apparent adsorption of aqueous Se complexes.
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Selenium adsorption on oxides and soils comforms to the Langmuir equation, though a
multi-site Langmuir equation is needed on some soils (Hingston et al. 1968; Singh
1982). The Langmuir constants on oxides vary significantly with pH (Hingston et al.
1968). The pH-dependent adsorption of Se on hydrous oxides and the resulting
effects on net surface charge have been modeled by several investigators (Bowden

et al. 1980; Davis and Leckie 1980). Reactions leading to the formation of the
surface species SOH,Se03, SOH,SeOsH, SOHZSe0£ and SO0H,Se0,N were needed to
adequately describe the pH-dependent adsorption of Se(IV) and Se(VI) on amorphous
iron oxyhydroxide (Leckie et al. 1980; Davis and Leckie 19803 Benjamin and Bloom
1981). Equilibriuim constants for these reactions were valid over a range of
sorbate concentration and ionic strength.

Selenium exhibits variable desorbability from oxide surfaces and soils. Selenite
adsorption is irreversible on goethite (Hingston et al. 1974) partially reversible
on hydrous alumina (Rajan 1979), and reversible on gibbsite (Hingston et al.
1974). The adsorption of selenite on Fe,05-H,0(am) is reversible in response to
pH change (Leckie et al. 1980). Desorption is accompanied by OH™ adsorption and a
decrease in solution pH (Hingtson et al. 1974; Rajan 1979). Sulfate and‘POZ' are
effective in releasing up to 90% of soil adsorbed Seog' and Seog' (Singh et al.
1982).
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Table 19-1. ADSORPTION CONSTANTS FOR SELENIUM
Adsorbent Adsorbate Electrolyte Adsorption Measurements References
CEC SzA. )
identity mq/100g m/g Conc., M ldentity Conc., M _pH _Constants'® value'®
Amorphous Iron - w2 1007 NaNO 0.1 - k™ 4.8 Davls and
3 Se0 Leckle 1980
oxyhydroxide lFeZOB.HZO (am) ] Sa(vl) 4
t
;g o 9.1
e
Amorphous Iron - 182 107 setvi) NaNO 0.1 - k" 9.90 BonJamln and
3 Se0 Bioom 1981
oxyhydroxide {Fe_0,°H_ 0 (am)] 4
273 2
Int
K 12,2
H
SaO4
4 int
d n
. -1 .
10 Se(Vvl) NaNO3 0.1 3-11 560 6.65
4
Int
K .
HS60 8.80
4
Amorphous iron — 182 107 settv) NaNO 0.1 PRTI 7.80 Benjamin and
3 Sa0 Bloom 1981
oxyhydroxide (Fe _0_+H O (am)} 3
273 2
K:‘::o 9.90
3
-4 Int
10 Se(1V) NaNO3 0.1 KSeO 7,70
3
W,
3
Gosthite — 2 1073 - 107 NaCt 0.01-1.0 311 A 20-120 Hingston
Se(Iv) KL 3,5-5,0 et al, 1968
-3 -4
Kaolinite 15,1 34,2 107 - 10 fandfitl -— 3 Am’ KL 4,20, 3,23 frost, and
Se(1V) teachate 5 2,93, 3.37 Griftin 1977
7 2,40, 3.26
-3 -4
Montmorlllonite 79.5 86,2 10 - 10 fandt il —— 3 Am, KL 8,34, 3,43
Se(1V) teachate 5 6.99, 3.49
7 5.23, 3.25
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Table 19-1 (Contd).

ADSORPTION CONSTANTS FOR SELENIUM

Adsorbent . Adsorbate Electrolyte Adsorption Measurements Raterences
CEC Syhs .
fdentlty meq/100g m /g Conc,, M tdentity Conc,, M judd Constants'® Value
-4 -2 1 [}
At lophane — 168 10 - 10 KC1t a1 5.0 Am' KL 110, 4,12 Rajan and
" " Watklnson 1976
Se(1V) Ao K 179, 2,58
Solls Sol |
0.42 Org C. 17.8% clay 13,75 ——— 107t - 1072 NaC 1 Variable 7.6  Se(IV) A;, xi 8.5, 3.34 Slngh et at. 1981
2.6% troe Fo Se(IV), A;', xl' 87, 1.52
1ot
Se (V1) Selvi) A, K. 13, 3.39
(X
w® KL 94, 1.89
-4 -2 t t
0.42% Org C, 17.6% clay, 12,3 - 107 -0 NaCl Veriable 8.1  Se(IV} A, K 18, 2,96
2.2% free Fa, 2.8% CaCOy Se(1V), A;', K:I 85, 1.79
Se(vt) setviy al, k! 16, 3.46
m| Lll
'
An e K 128, 1,88
0.92% Org C, 18.4% clay, 16.0 — 10t -102 N Voriable 7.8  Se(IV) AL, x! 16.5, 3.59
2.1% free Fe Se(IV), A;l, x{' 51,5, 2,24
Se(vl) sevi) A!, k! 3,5, 4,27
okl 255, s
0.42f Org C, 8.8% clay, 10.4 — 107 - 1072 NaCl Varlable 7.8  SellV) L, xi 2.5, 2.00
2.8% freo Fo Se(1V), A;', xl' 240, 1,23
Se (V1) seqvi) a', k! 30, 252
i Lu
Am s KL 128, 1,73
: -4 -2 (-
0.32% Org C, 9.6% clay, 10.0 -— 10 -~ 10 NaCl Variable 10,! Se(1V) Am' KL to, 2.9
]
2.4% tree fe Sel1V), A s Kt' 79,5, 7,08
Se(vI) secvy a't, kM 100, 1.08
m L
{a) K'n* = fntrinsic adsorption constants ot lonlc specles, log

KL = Langmulr constant, log y_-

A = Langmulr adsorption maximum, pmo! g_

m" Lt

by L ) =e

K]
m

stimated values

1

K]
A, KL = two adsorptlon sltes
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Section 20

SODIUM

Sodium (Na) is a soluble constituent in most subsurface envirénments. Except at
higher pH where carbonate complexes become important, Na is found in solution pri-
marily as the univalent ion, Na*. The attenuation of Na in soil and subsoil is
controlled primarily by ion exchange reactions. Solubﬁ]ity reactions, e.g., pre-
cipitation, is rarely of consequence except in evaporite environments. Though sub-
surface mobility of Na is high, the common problem of soil sodicity in low rainfall
areas indicates that when present in soil solution in high concentration, Na may be
retained by and dominate soil cation exchange sites.

RELATIVE STABILITY OF SOLID AND AQUEOUS SPECIES

Sodium exhibits only +1 valence state. Sodium is an important constituent of
zeolites (e.g., analciame) and feldspathic igneous aluminosilicate minerals such as
albite. However, the geochemical conditions required for their formation are rarely
encountered in soils {Lindsay 1979).

To determine the relative abundance of Nat species in ground waters representative
of leachates, activities of different Na species (when Na* = 10-3 M) were plotted
(Figure 20-1) using the thermodynamic data (Ball et al. 1980) contained in the
geochemical model MINTEQ (Felmy et al. 1983) and the formation constants for NaNO%
and NaOHO reported by Smith and Martell (1976). Under the assumed conditions
(Figure 20-1) Na%* is the only important species up to pH values of about 10. At

higher pH values, carbonate complexes of Na become dominant.

PRECIPITATION/DISSOLUTION

Most Na minerals are very soluble and hence do not form in well-drained humid
conditions. Sodium concentrations are thus primarily controlled by adsorp-
tion/desorption reactions rather than precipitation/dissolution.
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Figure 20-1. ﬁctivi&ies of gifferent Na,species when
activity of Na 3=5§04' = 1077, NO3 = 107", and
€0y (gas) = 1077+ atmospheres.

ADSORPTION/DESORPTION

The adsorption of Na by soils occurs primarily by ion exchange (e.g., Sheta et al.
1981). This process is electrostatic and Na is only weakly bound to amphoteric
hydrous Mn in Fe oxides below their isoelectric points (Davis 1978; Davis et al.
1978; Davis and Leckie 1980; Balistrieri and Murray 1981; Loganathan and Burau
1973). Sodium is held weakly by cation exchange materials because of its univalent
charge and large hydrated radius (Gaines and Thomas 1953). The preference of soil
clays for monovalent cations follows the lyotropic series Lit < Nat H30+ < Kkt < NHZ
< Pb* < cs* reflecting increasing ionic radius, decreasing polarizing power and
jonic hydration from left to right in the series (Talibudeen 1981). Adsorption of
Na by soil is governed by mass action on cation exchange sites. Thus, Na retention
is controlled by the concentrations of cations (e.g., Ca, Mg, K) in solution and the

nature and selectivity of cation exchange constituents.

Sodium exchange equilibria with various cationic constituents have been evaluated on
soils and layer lattice silicates (Table 20-1). Sodijum-calcium exchange in soil has
received considerable research attention because of its importance in soil sodicity
{Yadav and Girdhar 1981; Kelley 1962; Mondal 1973)}. Soil sodicity occurs by gradual
replacement of exchangeable Ca by Na. The variability of the Na/Ca selectivity
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coefficient is small among different soil types (Sheta et al. 1981; Levy and
Feigenbaum 1977). An increase in exchangeable sodium percentage (ESP) is encouraged
as the ratio of Mg/Ca increases in soil solution. Magnesium is more weakly bound to
cation exchange sites than Ca, and Na is more readily adsorbed by Mg-saturated than
Ca-saturated soil (Mondal 1973). The ESP in calcereous soils, however, is less
sensitive to the Mg/Ca ratio than noncalcareous soil (Yadav and Girdhar 1981). On
clay minerals, heterovaient exchange reactions between Na+ and trace metal cations
exhibit ideal thermodynamic behavior, are reversible and may be characterized by the

Vanselow selectivity coefficient (Maes et al. 1976; Sposito and Mattigod 1979;
2-

~ Sposito et al. 1981). Certain anions, including C17, I”, Br™, and S03” in

increasing concentration up to ionic strength 1 decrease Na adsorption on bentonite,
while increasing pH; bicarbonate concentrations increase retention (Sommerfeldt and
Peterson 1963). Though Na is weakly bound to most cation exchange sites in soil,
the presence of Na selective layer lattice silicates (paragonite) and zeolites
(E1-Nahal and Whittig 1973; Schulz et al, 1964) suggest that in isolated instances
Na may be strongly retained by certain mineral constituents.
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Table 20-1. ADSORPTION CONSTANTS FOR SODIUM
Adsorbent Adsorbate Electrolyte Adsorption Measurement References
CEC S,A. :
Identity(a) meq/100g9 mZ/g Conc., M Identity Conc., M _pH Constants(P) ‘Value
Clay Minerals
Bentonite, Na-saturated 92 - - NaBa 1.0 7.4 A 660 Sommerfeldt and
Nal 1.0 7.5 A 680 Peterson 1963
NaCl 1.0 7.1 A 760
NayS0, 0.5 7.6 A 770
NaHC03 1.0 8.2 A 940
NaOH 1.0 12.3 A 1150
Bentonite 103 - - Seawater  35% - A 623 Neal 1977
Seawater 25 - A 646
Seawater 15 - A 554
Sawater 5 - A 521
Soil - % Clay % O.M. Soil
Sandy loam 20.0 1.06 10.00 - - 7,95 Yadav and Girdhar 1981
Untreated soil Na; 0.04 A 14,5-15.7
Sol. A Mgé*t ~0.015
ca* ~0.003
Na® 0.06 A 28.1-32.0
Sol. B Mgg: ~0.002
Ca ~0.0005
Nat 0.08 A 47.6-55.5
Sol. ¢ MgZt ~0.002
calt ~0. 0005
CaC03 removed - - - Sol. A A 16.0-17.9
Sol. B A 32.0-38.2
Sol. C A 55.0-67.5
11 Egyptian Soils 11.9-47.5 - - - - - K 4747 Sheta €t Al. 1981
% Clay % 0.M.
Clay 55.0 1.8 42.4 - 0.025 £Cl1” 0.05 - A 82 fevy and Feigenbaum 197.
0.04 C1™ 0.05 A 151
0.0% £Cl” 0.05 A 158
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Table 20-1 (Contd). ADSORPTION CONSTANTS FOR SODIUM

Adsorbent Adsorbate Electrolyte Adsorption Measurement References
CEC SZA' b i
Identity(a) meq/100g m</g Conc., M Identity Conc., M pH Constants( ) Value
Soil %Clay % 0.M,
Clay 58.0 0.5 32.2 - 0.025 £C1” 0.05 - A 22
0.04 tC1™ 0.05 A 34
0.05 £Cl~ 0.05 A 59
Clay 74.5 3.4 43.0 - 0.025 C1~ 0.05 - A 24
0.04 tC1™ 0.05 A 32
0.05 C1” 0.05 A 70
Loess 16.2 0.5 13.4 - 0.025 £C1™ 0.05 - A 5
0.04 £C1™ 0.05 A 10
0.05 £C1” 0.0% A 19
Calcareous 31.1 1.6 26.2 - 0.025 1™ 0.05 - A 24
0.04 1™ 0.05 A 27
0.05 £C1™ 0.05 A 40

(a) 0.M. = organic matter
(b

YA = adsorgtlon, umol g -1
KCa = exchange coefflc\ent

KNA¥T = log Intrinsic Adsorption Constant

Geothite - 51.8 0.1-0.7 - - 5.10 KA (1.12) Balistrieria and Murray 1981
Fe, 05 H,0 (AM) - 600 - - - - Kh (1.7) Davis and Lecki 1980
Fe(OH)4 - 600 - - - - &HI L7 Davis 1977

v-A1,04 - n - - - - KiNT 2.3 Davis, et al. 1978
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Section 21
SULFATE

Sulfate, a common anion ih soil and subsurface envirodments, may under natural
conditions exceed concentrations of 10'2 '
Although aqueous complexes with A]i(A1$OZ) are important at low pH (<4), the 5042'
ion predominants at pe + pH > 4. Most naturally occurring solids of sulfate are
quite soluble; however, gypsum (CaSO4-2H20) under poorly drained arid soils and
aluminum sulfates such as basaluminite and alunite at low pH values may become

important solubility-controlling solids. With the exception of highly weathered and

M in soil solutions or pore waters.

volcanic-ash-derived soils, sulfate is weakly adsorbed by soil. Hydrous oxides of
Al and Fe are the most important adsorbents. Adsorption is pH dependent and
greatest at a low pH. A number of anions present in utility waste leachate

(e.g., Se042', AsO43') will compete with 5042- for specific adsorption sites in soil

and substrata.

RELATIVE STABILITY OF SOLID AND AQUEOUS SPECIES

Sulfur ranges in oxidation states from +6 to -2. Except for very reducing condi-
tions (pe + pH < 4), 5042° is the stable aqueous species (Lindsay 1979). Most of
the known solid compounds of 3042' are very soluble. Because sulfate is a major
anion, only the sulfate compounds with major cations can be solubility-controlling
solids. One such compound (gypsum) has been identified in some arid soils and .

sedimentary deposits.

To determine the relative abundance of 30%2' species in ground waters representative
of leachates, activities of different SO4 ~ species (when 504?' = 10'3 M) were
plotted (Figure 21-1) using the thermodynamic data (Ball et é}. 1980) contained in
the geochemical model MINTEQ (Felmy et al. 1983). Under the assumed condffibns
(Figure 21-1), 5042' is the dominant species at pH values >4; éxcept for about 6%
contribution of CaSOZ to total soluble sulfur, all of the other species (such as
MgS03, NasO;, FeSOy, A1SO;, PbSO§, CdSOJ) do not contribute significantly. Under
the assumed conditions A]SOZ will be the dominant species at pH values <4,




AN
.4 CaS0%
\‘k\\ MgSo0%
SV W\ L KSO:

NaSO.
: °f
>
£ 7k PbSO$  CdsOZ?
< 1\ \\ 4
(U] = e
Q sl A 2 \e NiSOT  znsos
= ®\ \@
B\é\ 9\ \e.
-9 % = : -
Cd(SO.2

AN

\‘ 1\ 1 \ -

-10 Pb(SO3 \\ \\ \Tn(so.)z

11 ) ! AN 1 ! 1
3 4 ) 6 7

8 9 10 1 12

pH

Figure 21-1. Activities of different sulfate species
when activity of SO%', Na* = Ca2t = k* = 10-3,
Mg2* = 10-4, A13+ = Fe3* = pp2+ = Ni2* = g2+ =

10'7, and COZ(gas) = 10-3.52,

PRECIPITATION/DISSOLUTION

The major attenuation mechanism for sulfate is adsorption/desorption. Onlyiin
limited environments, will sulfate solubility-controlling solids form. Under
oxidizing and alkaline conditions, gypsum (CaSO4+2H,0) has been identified in some
poorly drained arid soils and sedimentary deposits (Harward and Reisenauer 1966,
Reitemeir 1946). Under acidic conditions A13+ and Fe3t become major cations and
where 5042‘ is present or can form in large quantities such as basalumiﬁite due to
pyrite oxidation [A1,(0H);0S04-5H20], A10HSO4, alunite [KA13(S04)2(0H)g],
A12(S04)3+6H20 jarosite [KFe3{LH)g(S04)2], and natrojarosite [NaFe3(O0H)g(S04)2] have
been identified and are potential solubility controlling phases (Adams and Ramajfih
1977; Singh and Brydon 1969; Van Breemen and Hérmsen 1975; Doner and Lynn 1977).

2-

Under Tow redox potentials S04°" is reduced to $2- and the latter species is

primarily attenuated through precipitation mechanism.

ADSORPTION/DESORPTION
2= is the

prominent anionic constituent in soil solution, especially in gypsiferous semiarid

Sulfate is an important and ubiquitous anion in soil. In many soils SO
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and arid sulfate soils. Much of the available literature on SOE’ retention has
evaluated adsorption/desorption reactions as a controlling factor in plant nutri-
tion. In general, sulfate is weakly retained by soils (Table 21-1). Soils differ
markedly in their adsorption capacity (Chao et al. 1962a, 1962b; Hasan et al. 1970);
highly weathered and volcanic-ash-derived soils may adsorb significant quantities of
302-. Most sulfate adsorption in soil is associated with hydrated Al and Fe oxides
(Harward and Reisenauer 1966; Chao et al. 1962a; Couto et al. 1979; Chao et al.
1964; Aylmore et al. 1967) or amorphous aluminosilicates (Hasan et al. 1970; Rajan
1979; Gebhardt and Coleman 1974). Experimental evidence suggests that SO%’
retention occurs by specific adsorption on soils (Couto et al. 1979), allophanic
clays (Rajan 1978a), amorphous iron oxyhydroxide (Davis and Leckie 1980), and
gibbsite (Hingston et al. 1974). Other investigators note, however, that SO%‘
adsorption does not decrease the pzc of soil (Arnold 1977) or goethite (Yates and
Healy 1975) implying that specific adsorption does not occur and SOE' does not reach

the inner Helmholtz plane.

Sulfate adsorption exhibits marked dependency on the pH of soils (Couto et al. 1979;
Gebhardt and Coleman 1974), layer lattice silicates (Chao et al. 1962c; Aylmore

et al, 1967), amorphous iron oxyhydroxide (Davis and Leckie 1979), goethite
(Balistrieri and Murray 1981), hydrous alumina (Rajan 1978), and allophane (Rajan
1979), with greater adsorption occurring at low pH levels. This arises primarily
from the development of pH-dependent positive charge on the surfaces of hydrous iron
and/or aluminum oxide or on the crystal edges of clay minerals (especially kaoli-
nite) at low pH values (Chao et al. 1962c; Parfitt and Smart 1978; Rajan 1978b).
Additionally, the proportion of HSO; increases with reduced pH; HSQ is more
favorably adsorbed by hydroxylated surfaces (Davis and Leckie 1980; Hingston et al.
1972).

Competing inorganic and organic ligands have variable effects on SOE‘ adsorption by
soil and model adsorbents. The presence of chloride, nitrate, acetate, borate,
silicate, or arsenite have little or no effect on SOE' adsorption by soil (Chao
1964). In contrast, soil adsorption of SO%' is significantly reduced by selenate,
selinite, aresnate, molybdate, flouride, thiocyanate, and phosphate (Chao 1964).
Sulfate and Seoi' compete effectively for adsorption sites on amorphous iron oxy-
hydroxide (Leckie et al. 1980). Organic ligands commonly present in soil such as
oxalate, tartrate, malate, and gluconate also suppress SOE' adsorption (Chao 1964).

Inorganic and organic ligands may reduce SOZ" adsorption by competing for available
adsorption sites, by formation of stable surface chelates on Fe and Al oxide

surfaces, or by precipitation as a new surface solid phase.
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The effect of electrolyte concentration on SO%’ adsorption is a pH-dependent
phenomenon related to the zero point of charge of the soil. Increasing electrolyte
concentration decreases the interfacial potential at the solid/solution interface,
which decreases SOZ' adsorption at a pH less than the zero point of charge (pH

(Mekaru and Vehara 1972).

zpc)
and increases adsorption above the.pH

zpc
Although formation of insoluble basic Al and Fe sulfates is implicated as a
retention mechanism of SOE' in soil (Singh and Brydon 1969; Adams and Ramajfih
1977), the'specific adsorption of SO%' by soil is attributed to ligand exchange with
displacement of surface hydroxyl or aquo groups. Strong evidence is presented
suggesting that monodentate complexes are formed with HSO& as the primary adsorbing
species (Aylmore et al. 1967; Gebhardt and Coleman 1974), though arguments are made
supporting the formation of bidentate SO%' surface complexes (Rajan 1978a; Rajan
1978b; Parfitt and Russel 1977).

In contrast to ligand exchange, excellent simulation of SO%' desorption on amorphous
iron oxyhydroxide an geothite is obtained using an adsorption model base in surface
complexation reactions (noted below) with protonated surface groups (Davis and
Leckie 1980; Balistrieri and Murray 1982).

SOH + S03™ + H* % SOH,S0;

2- +
SOH + 504 + 2 = SOH2504H

Surface complexation reactions describe the observed increase in pH accompanying
adsorption as due to proton consumption at the plane of adsorption rather than
ligand displacement.

Adsorbed sulfate exhibits variable desorbability from soil and model adsorbents.
Sulfate adsorption exhibits partial to full reversibility in soils (Sanders and
Tinker 1975; Chao et al. 1962a; Couto et al. 1979; Gebhardt and Coleman 1974). Some
mineral soils (B horizons) high in hydrated Fe oxides or amorphous aluminosilicates

exhibit poor desorption of adsorbed 502- (Gebhardt and Coleman 1974; Couto et al.
1979). Adsorption of SO4 is irreversible on hematite (a—Fe203) and psuedoboehmite

(A-A]203~H20) (Aylmore et al. 1967; Sanders and Tinker 1975), but reversible on
kaolinite (Aylmore et al. 1967). Thus, the desorption of specifically adsorbed SO%'

in soil will depend strongly on the mineralogic characteristics of the adsorbents.
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Table 21-1. ADSORPTION CONSTANTS FOR SULFATE

Adsorbent Adsorbate Electrolyte Adsorption Measurements References
CEC SéKT b )
Identity(a) meq/100g m%/g Conc., M Identity _ Conc., M pH Constants( ) Value(c
Clay Minerals
Miophane synthetic - 278 0 - 10723 NaC1 0.01 5.0 ALK (33, 3.2) Rajan 1979
natural - 420 - - - - - (130, 3.5)
Kaolinite API-9 - 17.7 10733 203 - a6 Al K, (2.8, 6.4, Aylmore et al. 1967
2.4, 4.4)
AL, Kl
Australian - 16.9 - - - - - (4.6, 6.1,
5.6, 3.9)
Alumina
Y-A1203-H20 - 165.5 10'3‘3 - 0.05 - - 4.6 Am' KL (450, 5.8) Ayimore et al. 1967
1-Al 505+ 3H,0 - 58 10°5-8 - - 5.0 A (50) Hingston et al. 1972
Hydrous alumina - 230 - NaCl 0.01 5.0 Am 408 Rajan 1979b
197 - NaCl 0.01 5.0 Am, KL (400, 4.9) Rajan 1978
~nNo
- A) -oxide coated soil
o
Willamette Chehalis Soil
A},0.% L v
0 0 - - 10'§'g - - 5.0 A (1.3 0.3) Chas et al. 1964
2.7 2.6 - - 10'2'6 - - 5.0 A 4.3 3.8
4.0 4.0 - - 10'2'6 - - 5.0 A 9.5 7.5
5.0 5.1 - - 1025-¢ - - 5.0 A (13.3  11.7)
6.2 6.2 - - 107¢° - - 5.0 A (14.7 14.2)
Fe Oxides
Goethite, y-FeOOH 81 10-2-8. 10725 . - 5.0 A (72) Hingston et al. 1972
Hematite, aFe)0y - 26.7 10733 . 005 - - a6 A, K (70, 6.1) Aylmore et al. 1967

Amorphous Fe oxide 182 107° - 10'3 NaiN04 0.1 5.0 Ape Ky (1160, 4.5) Davis and Leckie 1978



Table 21-1 (Contd). ADSORPTION CONSTANTS FOR SULFATE

Adsorbent Adsorbate Electrolyte Adsorption Measurements References
CECT SZA. j b )
Identity(a) meq/100g  m¢/g Conc., ™ Identity Conc., M pH Constants( ) Value(c
Fe-oxide coated soil
Willamette Chehalis ____Soil
T Fe,0,
0 - - 10'3-2 - - 50 A (1.3 0.3) Chas et al. 1964
- 1.9 - - 1075°¢ - - 5.0 A (- 0
2.4 2.5 - - 10'2'6 - - 5.0 A (0 0
2.9 2.7 - - 10'2'6 - - 5.0 A (0.7 - 0.4)
f 3.4 3.2 - - 10'2'6 - - 5.0 A (1.3 0.8)
: 3.7 3.8 - - 10'2’6 - - 5.0 A (2.0 2.2)
: 4.9 - - - 107¢ - - 5.0 A (3.5 -)
Goethite, a-FeOOH - 51.8 lﬂ'g‘; NaCl 0.05 5.0 A 29.4) Balistrieri and Murray
51.8 1077 NaCl 107 5.0 A 3.1) 1981
- - - Seawater  ~0.7 8.0 ~xggg, -9.1, -14.4
it
*Kiso,
~ int
in
& KSO4’ (3.5, 6.8)
i
KH§34
Amorphous Fe,04-H,0 - 60 - NaNO, 0.1 - *Kgaz, -9.9, -15.9 Davis and Leckie 1982
int
*Kis0,4
int
KSO4’ 4.8, 8.7
in
) Knsd
Soils Depth, cm % Fe % 0.M.
Fullerton Soi}
0-30 1.06 1.75 4.9 - 10'3'; - - 4,2 A 3.1 Johnson and Henderson
30-60 1.46  0.65 2.1 - 10'2'7 - - 4.4 A 1.3 1979
60-80 1.24 0.62 2.7 - 10'2'7 - - 4.2 A 0.9
80-120 2,38 0.63 5.4 - 10'2'7 - - 4.2 A 2.7
120-200 2.74 0.62 8.9 - 107 - - 4.2 A 1.6
Free Free
Fe, 2 Al, % Soil
Robertson 5.2 1.2 6.1 - 10‘2-{ - 10028 - 4.2 ALK 11.2, 2.9 Barrow 1972
1071 - 1022-8 cacl, 0.002 4.2 ALK 10.5, 3.4
10'4'1 - 107 .8 CaCl, 0.005 4,2 Ans K[ 11.1, 3.6
10'4'l - 10'5'B CaCl, 0.01 4,2 Am KL 11.6, 3.6
1077 - 1074 CaClz 0.02 4.2 Am' KL (11.5, 3.7)
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Table 21-1 (Contd). ADSORPTION CONSTANTS FOR SULFATE

Adsorbent Adsorbate Electrolyte Adsorption Measurements References
CEC
ldentity(a) meq/100g
Freew Free
Soil Free Fe,9% Al,9%

SZA. b
m/q Conc., M Identity Conc., M pH Constants () vatye(c)

Wungong 0.8 0.3 0.3 - 10'2’} - 10'3'3 - - 5.2 A K (1.2, 3.3) Barrow 1972
1071 - 10723 cacy 0.002 5.2 A K Ez.s, 3.4;
10781 10'%‘3 caCly 0.005 5.2 A, K 3.2, 3.4
1074171028 caci? 0.01 5.2 A K 23.2, 3.5}
10741 10728 cacr) 0.02 5.2 An, K 3.1, 3.6
Manjimup 2.1 0.5 26.3 - 10'3-% - 10‘%‘2 - - 6.2 A, K 22.6, 3.4;
10781 - 10728 cac, 0.002 6.2 AN K 3.6, 3.5
1074110728 cac 0.005 6.2 An K i4'4' 3.5;
10731 - 10728 cacy 0.01 6.2 AN K 46 35
1041 2 10728 Caci) 0.02 6.2 A K (4.7, 3.5)
Soil  untreated - - 10737 21028 cact, 0.01 - A KL (9.7, 3.2) Barrow 1969
+ 6.5 umol gL P 10737 - 10728 cacl 0.01 - A, K se.o. 3.2;
+19.4 ymol g 1 P 1073710728 cacty 0.01 - N 7.1, 3.1
ro + 32,3 ymol g7 P 10-3-7 - 10°2-6  caC1; 0.01 - AT KL (6.0, 2.9)
[y
L Fey03, % Al05, % O.M., % Soil
Aiken 6.84 5.20 6.8 - 10°3-8 _ 19725 . - 5.5 A, K (4.1, 3.2) Chas et al. 1962a, b
Knappa 5.23 4.70 18.3 - 10°3-8 _ 10725 - 6.2 A KL (2.7, 3.5)
Astoria 4.35 3.68 12.8 - 10°3-8 _ 10725 . - 5.3 ALK (3.6, 3.7)
Quillayute  4.50  8.69 7.6 - 1073-8 . 1025 - 5.5 ALK (3.3, 3.9)
Aiken - - >1072-5 - - - Ke, 1/N 0.124, 0.483  Chas 1962a
Knappa - - 51072+ - - - Kes» 1/N 0.0745, 0.538
Astoria - - >1072-5 - - - Ke, 1/N 0.127, 0.516
Quillayute - - >1072-5 - - - Ke, I/N 0.0955, 0.576
Quillayute (untreated) - - 10-3:8 _ 1972:5 . - - Ke, 1/M (0.070, 0.70) Chas et al. 1962c
F
1) HyD, treated - - 1038 _ 0725 . - - Kes N (0.024-0.035,
fo’n." & mn0,, removed) 0.72-0.77)
2) 1+Dithionite, etc. (Fe removal) - - 10738 _ 10725 - .- Kes 1/N (0.008,0.66)

3) 1+0.5 M NaOH (A1 removal) - - 1073:8 _ 10725 . - - Ke, 1N (0.006, 0.77)




Table 21-1 (Contd). ADSORPTION CONSTANTS FOR SULFATE

Adsorbent - S— Adsorbate Electrolyte Adsorption Measurements References
Identity(a) meq/100g mz/é Conc., M Identity Conc., M pH Constants(b) Value(c)
Aiken (untreated) - - 10738 _ 4925 | - - Keo 1/N (0.083, 0.65) Chas et al. 1962c
Treatment 1 - - 10738 . 10725 . - - K UM (0.013-0.026,
0.74-0.81)
Treatment 2 - - 10738 _ 19725 - - Ke, N (0.006, 0.70)
Treatment 3 - - 103802 - - K UN (0.009, 0.64)
Astoria .
Treatment 1 - . 10738 - 0725 . - Kes /N (0.036-0.074,
0.63-0.74)
Treatment 2 - - 1073-8 - 1025 . - - Ke, 1N (0.007, 0.69)
Treatment 3 - - 10738 _ 10725 . - - Ke» /N (0.044, 0.66)
™y
- Quillayute - - 10-2- Arsenite 0 - 10727 4,95 Hax sA(%) 0 Chas 1964
& 10-2-8 Borate 0- 10727 495 Max A(X) 0
10'2'6 Nitrate 0 - 10'2'7 4.95 Max aA(%) 0
10-2-8 Silicate 0 - 1072:7 4,95 Max aA(%) 0
10-2-6 Chloride 0 - 1075:7 4,95  Max aA(1) 0
10'2'6 Tungstate O - 10'2'7 4,95 Max aA(%) 25
1075 Selenate 0 - 1075 4,95 Max aA(%) 26
10‘%-3 Selenite 0 - 10'2-; 4.95 Max aA(%) 30
107S Vanadate 0- 1075 4.95 Max aA(%) 34
10-2-6 Arsenate 0 - 10727 4,95  Max aA(%) 37
1038 Fluoride 0 - 1027 4195  Max aA(3) a1
10-2:8 Molybdate 0 - 1075-7 4,95  Max sA(%) M
1075 Phosphate 0 - 107%° 4,95 Max aA(%) 56
1o‘§-§ Acetate 0 - 10‘5-; 4.95 Max aA(%) 0
1075 Sucinate 0- 1075 4.95 Max aA(%) 22
1026 Malonate 0 - 10727 2,95 Max aA(%) 2
1972:6 . Citrate 0 - 10727 4.95 Max aA(%) 30
1072-8 Maleate O - 10‘5-; 8.95 Max aA(%) 35
10'2‘6 Versenate 0 - 10'2‘7 4,95 Max AA(%) 35
107 Thiocyanate 0 - 1075 4.95 Max aA(%) 45
10°2-8 Malate 0 - 10'§°; 4.95 Max aA(%) a6
10'2'6 Gluconate 0 - 10'2‘7 4.95 Max aA(%) 50
10758 Tartrate 0 - 1072:7 4,95  Max an(x) 58
107° Oxalate 0 - 107° 4.95 Max aA(%) 60
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Table 21-1 (Contd). ADSORPTION CONSTANTS FOR SULFATE

Adsorbent - _— Adsorbate Electrolyte Adsorption Measurements References
o .
Identity(a) meq/100g mz/g Conc., M Identity Conc., M pH Constants(b) value(©)
Soi}l 1 F8993 % Gibbsite % Kaolinite %0.C Soil
4 3 2 L9 0-1058 KCI 0.02 41 An K 1.23, 2.80  Conto et al 1979
6 6 37 0.3 0 - 10'2'6 KC1 0.02 4.3 An K[ 5.66, 3.98
19 37 9 2.5 0 - 10'2'6 KC1 0.02 4.7 Ap» KL 1.33, 4.00
18 33 11 0.7 0 - 10'2'6 KC) 0.02 6.0 A Kf 3.75, 4.08
16 8 33 2.3 0 - 10'2'6 KC1 0.02 5.4 Anr KL 0.54, 3.43
17 10 43 1.0 0- 10" KC1 0.02 5.9 Am, KL 1.88, 3.94
Ash soils Rainfall, mm - Soil
200 - - 0 - 10'%'2 caCl, 0.01 6.97 A, K 4.6, 3.7 Hasan 1970
500 - - 0 - 10'2'6 CaClZ 0.01 6.60 Am, KL 2.6, 4.0
1100 - - 0 - 10'2'6 caCl 0.01 5.91 A, K 6.7, 4.1
2300 - - 0 - 10'2'6 CaCl, 0.01 5.80 Al K[ 16.8, 4.1
2200 - - 0 - 10'2‘6 CaClz 0.01 5.20 Am' KL 27.7, 4.6
4500 - - 0 - 107° CaCl 0.01 6.14 Am. K 43.4, 4.4
2 L
(a) 0.M, = organic matter; 0.C. = organic car?on
(b) A, = Langmuir adsorption maximqm, wumol g~
K& = Langmuir constant, log M~
Ams K{, Aél, Kél = two adsorption sites

fnedsorption, umol g'l
K

A

* = conditional intrinsic
K = intrinsic adsorption co
Kes, 1/N = Freundlich constants
Max AA = maximum percent reduc
) = estimated values.

adsorption constants funionic species, log
nstants funi?yic species, log

fun A = KeC/™; A, ymol 775 C, uM
tion in adsorption -
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Section 22

VANADIUM

Vanadium (V) is a multivalent element and in aqueous solutions exists in +3, +4, and
+5 valence states, each having several hydrolysis products. Vanadium in any of
these states does not form strong cmplexes with other ligands such as F, N0§, and
SO%'. The geochemical behavior of V is poorly understood. However, the available
data do suggest a strong affinity of V for iron oxides which may be due to the
precipitation of Fe(V03), and/or adsorption on iron oxides.

RELATIVE STABILITY OF SOLID AND AQUEOUS SPECIATION

Vanadium can exist in six valence states (from O to +5). It can exist in solid
state in all six oxidation states. However, in aqueous solutions of environmental
range in pH and redox, +3, +4, and +5 valence states are the most stable. The solid
phases of V include the metal, oxides, hydroxides, halides, phosphates, sulfates,
nitrates, and various solid phases with alkali, alkaline earth, actinide, and
transition metal cations. The relative stabilities of these phases depend highly on
pH, redox, and activities of other than V ions in the aqueous phase. Known solution
species include hydrolysis species, polynuclear complexes (especially for the +5
state), and complexes with F~, 502’, C17, NO3 and other anions. The formation of
ion pairs with alkali and alkaline earth cations seems likely, but has not been
reported.

The equilibrium constants for reactions involving solids and solution species of V
are given in Table A-9. These constants were used to determine the solid phases
which could control V solubility and to determine the dominant solution species
under a variety of redox potentials. Figure 22-1 is a predominance-area diagram
depicting the distribution of V species as a function of redox potential (pe) and
pH. No assumptions of solid phases or total concentrations were made; therefore,
only the mononuclear species (i.e., one V atom per molecule) were considered. .The
outlined areas indicate which solution species would predominate under given condi-
tions. The V2+ species would not become dominant within the stability region for
H20. Figure 22-2 illustrates the solubility of the solid {in terms of VOE

concentrations) as a function of pH at a redox potential of pe + pH = 16. At low
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Figure 22-1. The pe-pH Diagram for V-H,0
Systems at 25°C. Dashed lines represen%
the upper and lower stability limits of water.

pH, Fe(VO3)2 and V205(c) are the least soluble. ‘Pb2V207 anq KZ(UOZ)Z(VO4)2'3H20(C)
are the least soluble at high pH, depending upon concentrations of accompanying
jons.

Figure 22-3 shows the solubility of V minerals {(in terms of V02+) as a function
of pH at low redox potential (pe + pH = 7). Fe (V03)2 followed by V204 and

v305 is predicted to be the least .soluble up to pH 9, at which point carnotite
[K,(V0,),(V0,),+3H,0] may control solubility. Overall, the solubility of the
controlling vanadium solids is apparently greater at low redox potential than at
high redox potential.

The distribution of aqueous species as a function of pH in equilibrium with Fe(VO3)2
and Fe(OH)3(am) is shown in Figure 22-4 for be + pH = 7. The V(IV) species volt
dominates below pH 6.8 and Hv20§' dominates pH 6.8. The species V3+, VOE, and
H,V,0; are also important under these conditions. Vanadium (V) polynuclear species

will become increasingly important at high pH, redox, and V concentrations.
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Figure 22-2. Relative solubility of V solids under

oxidizing conditions (pe + pH = 16) when activity of
vod* = 10712, ca?* = 1074, k* = 10-3, pb2* = 10710,
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Figure 22-3. Relative solubility of V solids under
relatively reducing conditions (pe + pH = 7) when
total P = 1076, and activities of K* = 10-3,

UO%+ = 10712, Fe2* controlled by Fe(OH)3(am).
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PRECIPITATION DISSOLUTION

Hem (1977) used thermodynamic data to predict that ferrous vanadate might control.
V solubilities in natural environments. Physical evidence was not presented.
Tenyakov (1965) speculated that the presence of V in secondary Fe minerals may be
due to the precipitation of ferric vanadates. Taylor and Giles (1970) point out
many structural similarities between V solids and Fe solids: V203 {karelionite) is
isostructural with Fe203 (halmatite) and montroseitt (V, Fe) OOH is isostructural
with y-FeOOH (goethite). These similarities suggest the ease with which V could
substitute for Fe in the ferric oxide lattices.

McBride (1979) used electron spin resonance to examine the adsorption of V02+ on
smectite surfaces. The clay tended to promote hydrolysis of the V02+, and McBride
suggested the possible formation of the solid VO(OH)yeaH,0.

ADSORPTIQON/DESORPTION

Literature describing the adsorption of vanadium in soils or soil constituents is
limited and little pertinent data are available. Below pH 8, the V(IV) and V(V)
valence states dominate under oxidizing conditions (Figure 22-1). Electron spin
resonance studies indicate that the VO2+ ion adsorbs in smectite surfaces primarily
in the hydrolyzed forms (McBride 1979). However, it is also possible that
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vanady1(IV) may be adsorbed by Mn- or Fe-oxides and oxidized to vanadate(V) (Hem
1977, Taylor and Giles 1970). The distribution of V in some soils closely follows
the distribution of Fe, and more importantly, secondary iron oxides (Turton et al.
1961,1962) indicating their importance as adsorbents for V. Vanadium is mobilized
by soluble soil organic matter under both aerobic and anaerobic conditions and V(V)
is readily reduced to V(IV) and complexed in the presence of organic matter at
reduced 0, levels (Bloomfield and Kelso 1973).
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Section 23

‘ZINC

The dominant zinc (Zn) solution species in groundwaters at pH values <8.2 and
containing <lb‘2-5 ﬂ_SOE' activity is Zn2*, The precipitation/dissolution attenua-
tion mechanism has not been adequately studied. Most all of the available
information is coincidentally developed during adsorption studies that used fairly
high concentrations of Zn. As a result, Zn(OH), has often been indicated as the
solubility controlling solid. Willemite and Zn-carbonates (ZnC03.H20 or InC03) have
also been reported as possible solubility-controlling solids. Because most of the
available adsorption/desorption data were obtained with high Zn concentrations,
these studies are not directly applicable to utility waste disposal where low Zn
concentrations are expected. At low Zn concentrations (<10‘5 M), Zn is specifically
adsorbed by Fe, Al, and Mn-oxides. At higher Zn concentrations, nonspecific
adsorption is the controlling adsorption mechanism. The effects of competing and
complexing ligands have not been well studied although some of the available
information indicates that cations such as M92+ and Cd2* may compete with Zn for
specific adsorption sites while specifically bound anions such as 502', croz-,

SeO%', Asog', PO%' may enhance zinc adsorption.

RELATIVE STABILITY OF SOLID AND AQUEOUS SPECIES

Zinc in natural aqueous environments exists exclusively as +2 valence state.

Lindsay (1979) calculated the relative soiubi]ity of Zn compounds. His results
showed that franklinite (ZnFey04) and willemite (ZnpSi0z) are the two least soluble
In compounds. Lindsay and Norvell (1969) and Norvell and Lindsay (1970) studied Zn
equilibria in a few soils and observed that Zn concentrations appeared to be solu-
bility controlled by an unidentified Zn compound, which Lindsay (1979) called .
soil-Zn. The soil-Zn solubility is intermediate to franklinite and willemite. Both
willemite and franklinite are relatively high temperature minerals and are not
expected to form in soils. Other Zn minerals such as Zn(OH),, ZnCO3, and Zn0 are

relatively more soluble than willemite and franklinite.

To determine the relative abundance of Zn(II) species in groundwater representative
of utility waste environment, activities of different Zn species in equilibrium
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Figure 23-1. Activities of different Zn species in
equilibrium with willemite (ZnSi04) when activities
of S0§™ = €17 = 10°3, NO3 = £~ = 1074, Br= = I~ =
10'5, and C02(gas) =_10‘3'\52 atmosphere.

with willemite (ZnpSi04) were plotted (Figure 23-1) using the thermodynamic data
contained in the geochemical model MINTEQ (Felmy et al. 1980). Under the assumed
groundwater compositions (Figure 23-1), Zn2* followed by Zn502 are the dominant
aqueous species groundwaters of pH values <8.2. At pH values >8.2, Zn carbonate
species are dominant. Other complexes of Zn with C1-, F-, Br-, OH-, and 1 do not
contribute significantly to the total Zn in solution.

PRECIPITATION/DISSOLUTION

Except for soil-Zn (Lindsay 1979), no solubility-controlling solids have been

reported in natural soils and sediments. Jenne et al. (1980) modeled waters of the
Missouri tri-state mining area and reported that the concentration of Zn appeared to

be controlled by ZnC03+H20 or ZnCO3. They also suggested that ZnpSi0g4 may also be
the solubility-controlling phase.

During laboratory adsorption experiments, many authors used fairly high concentra-

tions of Zn (10'4 to 10-2 M) and reported that under high pH the concentration of Zn

may have been controlled by the Zn(OH)2 or ZnC03. Singh and Sekhon (1977) observed
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that, under alkaline conditions, Zn concentrations in several soils exceeded the
solubility product of Zn(OH), when 1.5 x 10-3 M Zn was added to these soils. Trehan
and Sekhon (1977) indicate that Zn(OH), or ZnC03 may be the soluble Zn controlling
solids in calcareous soils amended with 4.6 x 10~4 M Zn. Kinniburgh and Jackson
(1982) studied the adsorption of Zn by Fe gel for 10-2 to 10-4 M Zn solutions in 1 M
NaNO3. They reported that, at pH 6.5 and initial 10-2 M In, the reproducibility of
adsorption was relatively poor which they attributed to the possible precipitation
of zinc hydroxide or hydroxycarbonate. Bolland et al. (1977) observed a marked
removal of Zn (nearly zero percent at pH 7.3 to about 80% at pH 8) from 4 x 10-2 M
In in 0.1 M NaCl which they attributed to precipitation of Zn solids.

Kuo and Mikkelsen (1979) observed that adsorbed Zn on soils became more strongly
bonded to the solid phase with time. Ths increase in the stability of adsorbed zinc
has been attributed to recrystallization of the adsorbed phase into a nonadsorbed
solid phase. Loganathan et al. (1977) studied the adsorption of Zn2* on §-Mn0p.
Results of electrophoretic mobility measurements suggested that at high pH, the
6-Mn0, surface behaved as though 7n2* was forming a surface coverage of Zn(OH)g(s).

ADSORPTION/DESORPTION

Like other cationic heavy metals, zinc is adsorbed specifically and by ion exchange
(Table 23-1). Above ZIn solution concentrations sufficient to saturate specific
adsorption sites, Zn is adsorbed by simple coulombic interaction with cation
exchange sites. Hence; the predominant adsorbents controlling the adsorption
behavior of Zn in soils are Mn and Fe oxides (Takematsu 1979; Shuman 1977; Dempsey
and Singer 1980; Kihniburgh and Jackson 1982; McKenzie 1980; Bruinux 1975, Bolland
et al, 1977; Bar-Yosef et al. 1975; Balistrieri and Murray 1982; Benjamin and Leckie
198la; Forbes et al. 1976; Gadde and Laitinen 1974; Loganathan et al. 1977; Rophael
et al. 1979; Kinniburgh et al. 1977) with lesser contribution from soil organic
matter (Kuo and Mikkelsen 1979; Bunzl et al. 1976) and clay minerals (Farrah and
Pickering 1977; Wada and Kakuto 1980; Takematsu 1979; Frost and Griffin 1977;
Stuanes 1976). Many studies of Zn adsorption by soil were conducted using high
concentratons of Zn (Trehan and Sekhan 1977; Singh and Sekhon 1977; Sidhu et al.
19773 Kuo and Mikkelsen 1979; Shukla et al. 1980; Sidle and Kardos 1977; Shuman
19763 Clarke and Graham 1968; Bar-Yosef 1979) which exceed normal environmental
concentrations and those of immediate relevance to utility waste disposal. Under
these conditions, In adsorption correlates with cation exchange capaity or clay
content (Trehan and Sekhon 1977; Singh and Sekhon 1977; Sidhu et al. 1977y Shuman
1976; Duddridge and Wainwright 1981) and is retained by coulombic interaction rather

than specific adsorption.
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Zinc (<10'4°5 M) adsorption displays marked pH depending on silica (Benjamin and
Leckie 1980), iron oxides (Benjamin and Leckie 1980; Balistrieri and Murray 1982;
Gadde and. Laitinen 1974; McKenzie 1980; Kinniburgh and Jackson 1982 Benjamin and
Leckie 198la). Mn oxides (Gadde and Laitinen 1974; McKenzie 1980; Loganathan et al.
1977), Al oxides (Benjamin and Leckie 1980) and soil. This arises from the aqueous
hydrolysis of Zn and the amphoteric nature of oxide and hydrous oxide minerals.
Under comparable experimental conditions, the Zn adsorption edge falls at higher pH
than that of Cu and Pb on iron (Balistieri and Murray 1982; Benjamin and Leckie
198la; McKenzie 1980) and Mn oxides (McKenzie 19803 Loganathan and Burua 1973)
suggesting that Zn is less strongly adsorbed. In contrast, Zn is more strongly
adsorbed than: 1) Cd,-Co, Ni, and Mn by Fe oxides (Benjamin and Leckie 1981a;
McKenzie 1980); 2) Cd by Al oxides (Benjamin and Leckie 1980); and 3) Ni by Mn
oxides (McKenzie 1980). The pH dependency of Zn adsorption decreases at higher
solution concentrations of Zn (Wada and Kakuto 1980; Shuman 1977) and when clay
minerals are used as adsorbents (Wada and Kakuto 1980; Frost and Griffin 1977;
Hatton and Pickering 1980).

The presence of competing cationic constituents may, under some conditions, reduce
the specific adsorption and ion exchange of Zn in soil. Divalent alkaline earths
(M92+, Ca2+) in high concentration (>10'3 M) compete with Zn for ion exchange sites
in soils (Shukla et al. 1980) and on clay minerals (Farrah and Pickering 1977,
Stuanes 1976) and for specific adsorption sites on Fe oxides (Balistrieri and Murray
1982). 1Ion exchange selectivity measurements, however, indicate that Zn is strongly
preferred over Ca by clay minerals when Ca is present in lower concentration (<10'4)
(Wada and Kakuto 1980). Zinc, Cu, Pb, and Cd in comparable concentrations (10'6 M)
do not compete for specific adsorption sites on goethite (Balistrieri and Murray '
1982) or amorphous Fe oxyhydroxide (Benjamin and Leckie 1981b) suggesting that
preferential adsorption sites exist on these solids for each metal. Though Zn is
more strongly adsorbed, Zn and Cd may compete for the same adsorption site on

Timonite (y-FeOOH) and aluminum oxide (y-A1,03) (Benjamin and Leckie 1980).

The effecfs of strongly complexing anions on Zn adsorption has not been studied in
detail; however, the nonspecifically adsorbed, noncomplexing monovalent anions (NO§,
c1, C]OE) have little effect on Zn adsorption (Balistieri and Murray 1982; Ball

et al., 1980; and Bolland et al. 1977). Specifically adsorbed anions (e.g., SOE',
Cr02’, Se02', AsO3‘, PO%') may enhance Zn adsorption by Fe oxides (Bolland et al.
1977; Balistrieri and Murray 1982; Benjamin and Bloom 1982), possibly by reduction
in net surface positive charge.
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Measurement of proton release during adsorption of Zn on hydrous and crystalline
oxides affirms the specific adsorption process. At low adsorption density, i.e.,
adsorption from solutions containing <106 M Zn, the number of protons released for
each ionic species adsorbed by Fe, Mn, Al oxides in generally >1.5 (Kinniburgh and
Jackson 1982; Bruniux 1975; Balistrieri and Murray 1982; Kinniburgh et al. 1977;
James and McNaughton 1977; Kalbasi et al. 1978). The release of protons can be

described by the reactions
n2* + SOH %= S0Zn* + WY (23-1)
Zn2* 4 SOH + H,0 = SOZNOH + 2H* (23-2)

These reactions have been used, in combination with the pH dependent electrostatic
properties of the solid surface, to model Zn adsorption on Fe and Al oxides
(Balistrieri and Murray 1982; Benjamin and Leckie 1980; Benjamin and Bloom 1982;
Barrow et al. 1981). The monovalent species, ZnOH*, appears to be adsorbed in
preference to Zn2* at all pH values (Bolland et al. 1977; Balistrieri and Murray
1982; Barrow et al. 1981). Not only is the solvation energy less fo ZnOH*, but the
electrostatic repulsion between positive surfaces and ZnOHY is smaller. The
affinity of surface for ZnOH* appears to be high enough to induce ZnOH* formation
and adsorption in spite of very low solution concentrations below pH 7.5.

Both the Langmiur (Kuo and Mikkelsen 1979; Shuman 1977; Sidhu et al. 1977; Singh and
Sekhon 1977; Trehan and Sekhon 1977) and Freundlich (Kuo and Mikkelsen 1979) equa-
tions are used to describe Zn adsorption in soil. When large concentration
gradients of Zn are used, multiple regions of linearity are often observed in the -
Langmiur isotherms. These are ascribed to different adsorption sites (Shuman 1975),
likely reflecting Zn retention by specific adsorption and cation exchange

mechanisms.
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Table 23-1. ADSORPTION CONSTANTS FOR ZINC
Absorbent Adsorbate Electrolyre Adsorption Measuremants References
CEC S.A,
(a) 2 (b) (c)
Identity meq/100g m /g Conc,, M tdentity Conc,, M pH Constants Value
Clay Minerals
-3.8 In
Montmorillonite -— ——— 10 — -— 5 K 0,2 Farrah and
Ca Pickering 1977
Na-saturated
Zn
KCd 0.9
x;" 0.7
9
Zn
Kgu .0'6
n
KDb 0.3
"Free:
Fo,0y, %
. - -2.4
Montmor (1 lonlte 69 2,13 10 6.6 CaC|2 10 2 6.9 Kég 158
Haltoyslte IO-z'Z " lo-i'i 4.9 " 1.5'
Ca-Saturated 6.6 o.M 10'5'0 " to'}'l 7.0 ¢ 310
Mavl 10'4'4 " 107 " 6.4 19
LI " lo‘;'o 49 v 5.7
Choxo 43.3 3.76 10~ " " |o'2'5 6.9 260
" 0 " 10_°* 5.1 » 6.4
Uenae 56.7 2.7 10’2 " 10252 7.0 w 243
" 10743 " 1072 5.9 n 19
" 10'3'5 " 1072-3 a7 » n
Yoake 14,2 0,75 10'6 s " 10‘5'? 6.8 n 86
" 10 "o " 107" 6.0 " 73
" m’:' " 10'2'2 5.3 w 2
Naeg! 1.1 0.91 10 4'; " 1072+ 6.7 31
" 0 " 0" 6.1 1.1
Clay Minerals
Reductant-treated red clay -—- 67 l0‘7'8- Seawater ~0.,7 8 A, K {(1.2,6.2) Takematsu 1979
_5.8 m
‘0 " n n Kd 2
Montmorillonite, untreated -— 100 " " " " Kd 2
Na-Saturated 5.6 2.6 ’
Montmorl|lonite, ——- -—- 1077°7-107 % Landtill ~0,1 5 Am' K (29,3,0) Frost and
Ca-Saturated " leachate " 6 n (35, 3.1 Grittin 1977
Kaolinlte, -— -— " " " 5 " 2,7, 3.6)
Ca-Saturated " " " 6 " (5,5, 3.5
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Table 23-1 (Contd).

N VA or

ADSORPTION CONSTANTS FOR ZINC

Adsorbent Adsorbate Electrolyte Adsorption Measurements References
CcEC S\A.
(2) 2 (b) (c)
Identlty meq/100g m /g Conc,, M ident ity Conc,, M pH Constants Yalue
Clay Minerals (contd)
-2,3 . -1.3 -
Montmor1ilonlte 70 - 10 =10 7C! 0.01-0,1 5-6 AL K (450, 2.9) Stusnes 1976
0.1 Kf‘: 1.33-1,75
0.01 " 1,77-1.88
0.1 Kon 2.08-2,25
0.01 " 1,62-1,70
Zn
0.1 K 247 -
Hg i
0.01 " 99 ~ o
Kaollinite 4.0 - 10723007 o 0.01-0,1 A K¢ (18, 2.7
0.1 & 1.18-1,27
0,01 n 1,18-1,27
n
0.1 "éd 1,25-1,54
0.01 " 1,25-1,56
In
0,1 Kig 10,5-34,5
0.01 " 10,5-34.5
Vermicullite 70 e 1072300713 T 0.01-0,1 5-6 ALK (500,3.0) Stuanes 1976
0.1 KEn - 3.35-4.55
0,01 " 3.35-4,55"
Zn
0.1 Koa 3,83-5.54
0,01 " 4,39-5,82
Zn
0.1 247 -
g
0.0t " 247 - ®
- -1
Montmor 1 L loni te 9% B T AGARA I ALEL A -- - ALK (560, 2.7)
Feldspars: "
Alblte >0.6 —— - - - n (6,1,3.3)
Labradorite <2.5 -— " - - - " (83, 2.8)
Sttica
a - sio, --- — 1078 - — kI 7.5 Davis and

ZnOH

Leckie 1978
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Table 23-1 (Contd).

ADSORPTION CONSTANTS FOR ZINC

Adsorbent Adsorbate Electrolyte Adsorption Measurements References
CEC TZIV. b
ldentity(a) meq/l00g m%/g Conc,, M Identity Conc., M pH Constants () vatue(®)
Alumina
Al hydrous oxide
Fresh 493 sa1 107%5 - 1073 Na,s0, 0.0 - ALK 160, 6.2 Shuman 1977
Aged 52 59 " " " --- 15, 4.3
1-Al 505 10783 x;";H 10.1 Davis and Leckie 1978
n
Fe-Oxides
Fe(0N)(am) soo  1076:-7_y0-5 6 A KL 25, 5.4 Dempsey and
7 " 170, 5.9 Singer 1980
8 " 440, 6.7
B6°chem -13.1
Fe (0H)3(am) 600 S --- --- —-wdnt adnt -2.3, -10.5 Dempsey and
Singer 1980
int Int
K70, K (8.3, 9.1)
Fe hydrous oxide .- - 107810731 anoy 1.0 5.5 kMO 0.81, 0.70
" --- - w02 - 197l 5.5 3.24, 0.49
" - --- 107° - 805 1 6.5 15.4, 0.56
Fresh 354 303 0 - 107" . Na,SO 0.01 - Ans K 160, 5.7 Shuman 1977
: 2°74 " L
Aged 8 29 " 58" o 14, 4.3
Hydrated Fe Oxide --- 215 1077+% - 107°*% Seawater ~0.7 8 AL KL {600, 5.9) Takematsu 1979
K 500
Goethite --- 5 0- 1073 KNO4 0.1 5 NS isg, 2.7) McKenzie 1980
Hematite --- 20 0 -519' " 0.1 " %’ KL 8, 3.1)
Fe(OH)5, coprecip. - - 1077 KNO4 0.01 8.5 " 1.3 Bruinux 1975
" Syn. - " " 1.3
River
HZO
" Seawater  --- " " 0.9
Ke, 1/N 23.9,0.54
Goethite -- 73 10310729 maa 0.1 5 A KL (5.9, 4.5) Bolland et al. 1977
6 o {68, 3.8)
7 " (64, 4.1)
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Table 23-1 (Contd).

ADSORPTION CONSTANTS FOR ZINC

Adsorbent Adsorbate Electrolyte Adsorption Measurements References
TIT SA- b
ldentity(a) meq/100g m%/g Conc., M Identity Conc., M pH Constants( ) Value(c)
Fe Oxides (contd)
Goethite --- 65-80 --- NaCl 0.1 --- KZn, 6.0 Bar-Yosef et al.
K 7.4 1975
--- NaCl0,  0.16 N 5.7
KZnOH 7.1
Jp— NaAc /HAc 0.16 --- KZn, 5.3
Kznou, 8.7
Kznac .
10°5:7.10°3-7 ey 0.1 5.0 A, K, (5,4.1)
. " " a0 (51,4.0)
" " 6.5 " (74,4.2)
Goethite 65-80 1075-7-103-7  wacio,  0.16 6.0 A, K (28, 4.2)
1 N : oo 7, 4.2)
NaAC/HAC  0.16 5.0 AL K 6, 4.4)
" " 6.0 " (55, 4.1)
51.8 " " 7.5 " (103, 4.2)
Goethite —-- 51.8  1076-3 - 10745 Seawater  ~0.7 5-8 Ik, 9.15 Balistrieri and
Int Murray 1982
xint, (10.2)
Fe ,0,-H,0(An) - o= 1077+5.407% 0 NaNo 0.01 6.4 Kg, 1/N 8.9, 1.0 Benjamin and
2931, 3 F ;
Leckie 1981a
Ke -16.9
- B V2 - - e xlnt 9.4 Pavis and Leckie 1978
In0H
Goethite e 20785 NaNo, 0.08 6-8 Kl -3.3 Forbes et al. 1976




e

01-¢€¢

Table 23-1 (Contd).

ADSORPTION CONSTANTS FOR ZINC

Adsorbent Adsorbate Electrolyte Adsorption Measurements References
TEC S ) )
ldentity(a) meq/100y m°/g Conc., M Identity Conc., M pH Constants (P) valuel®
Mn Oxides
MnDy (MnDy go) 260 1076210747 .- 6.0 A, K 1170, 6.1 Dempsey and
: " --- - 7.0 ¢ 1590, 6.3 Singer 1980
" 8.0 2960, 5.8
8.5 4640, 5.8
A6¢hem -2.6
Hydrous Mn oxide - w0t 6.0 Ay KL (2760, <4) Gadde and
Laitinen 1974
§-Mn0, - 160 107%3.1072-9  nano, 10-3 4.0 A, K (1020, 3.7) Loganathan and
Burau 1973
6-Hn0, - 98 1073-100%2 KNy 0.1 5 Ans Ky (1020, 3.8) McKenzie 1980
a-Mn0,, KoMng0, e 206 " " . " " (710, 3.4)
$-tn0 160 1074-1073 NaND 1073 5 , K 1650, 3.8) Loganathan
2 3 L
6 (2420, 4.0) et al. 1977
Mn Oxides
1 -HnOOK .- 1008 1076 seawater  ~0.7 8 Ans KL (34, 6.2) Takematsu 1979
K 20
7A HMnO . " " . Kg 3
§-Hn0, --- . " " " Q" KL (1680, 6.2)
y 800
Mn0, --- 2.3 0.01 --- --- 6.0 A 300 Rophael et al. 1979
+0.13 Lit - 4.6 " - 6.6 " 450
+0.2% V(V) --- 1.7 --- - 2.0 " 830
+0.1% Mo(V1) - .2 --- - 5.1 400
Miscellaneous
Calcite 6.78 1077 - 10753 .. 8.4 A, K (59, 5.2) Jurinak and
° Bauer 1956
86°pps -8.5
Dolomite (Mg/Ca = 0.87) --- 1.9 ° --- --- 8.6 A, K (119, 5.6)
46°,4s -8.6
Ca-Magnesite --- 25.8 " --- --- 8.9 An KL (58, 6.3)
{Mg/Ca = 17.3) 86°, 45 -8.9
Organic Matter
Soil humic acid - e 10783 L 023 - 2.4 A, K (12, 3.4) Kerndoff and
4.6 2 Schnitzer 1980
Peat .- e 20786 _ 2.6 --- - Ay K (180, 5.0) Bunzl et al. 1976
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Adsorbent Adsorbate Electrolyte Adsorption Measurements References
CEC S,A.
(a) H (b) (c)
Identity meq/100g m /g Conc,, M fdentlty Conc,, M _pH Constants Value
Soil f$Clay § O.M,
-4,5 = ~-3.3
14,0 0.52 10.9 -—- 10 ~-10 CeCl, 0.1 -— Am’ KL 31.8, 4.9 Trehan and
t4,0 0.37 9.3 -—- " " " " 36.4, 5.0 Sekhon 1977
20.0 0,84 1,1 ——— " " " " 63,6, 5.0
21.3 1.23 15,1 -— " " " " 10,6, 4,9
15,0 0,98 14,9 -— " " " " 4,7, 5,0
3.9 0.27 3.8 -— " " " " 19,1, 5.0
-4,1 -2.8
10,1 0.61 6.96 -— 10 -10 KCI 0.1 7.0 Am, KL 16.5, 3,5 Singh and
31,2 1,26 18,2 " " " " " 49,0, 3.6 Sekhon 1977
10,4 0.69 -6.09 " " " " " 14,5, 3,7
24,6 0,75 12,18 " " " " " 31,5, 3.6
20,2 0,76 10,44 " " " " " 24,0, 3.4
5.5 0.33 3.83 " " " " " 11,5, 3.4
8.9 0.34 4.35 " " " " " 14,5, 3,4
-4,3 -3, Soll
Loam 28.0 0,28 10.0 -—- 0 "T-10 CaCl2 0,01 9.2 T(°C), Am' KL 17, 3.3, 4.8 Sldhu et al, 1977
" " " " " }0, }.6' 4.6
" n " " L] 40, 3.9, 4.4
Sand 9.00 0.18 3.50 - " " " 8,1 " 30, 0.89, 4,2
Loamy sand 12,0 0.17 3,75 i " " " 8.4 " . 30, 1.04, 5.0
Sandy toam 17.0 0.27 5.10 -—- " " " 8.4 " 17, 1.7, 4.8
" " " " " 30, 1.8, 4.6
" " " " " 40, 1.6, 4.5
Soll
Clay loam 9.2 0.6 --- -—- 0 - 10—5'5 CaCI2 0.016 7.7 Am' KL (9.4, 5.5, Kuo and
Mikkelsen 1979
Keo IN 1.8, 0,94}
-5.5
>10 " " " KF' N (3.8, 0.32)
Clay 49,0 1.0 --- - p-107%8 " " 8.5 A K (24, 5.8,
KF' ™ 13, 0.85)
-5.8
>10 " " " KF' /N 15, 0,37)
Loamy sand, -6 Soll
Untreated - 0.36 8,21 -— 10 ~ - 0,t -——— -—- 8.3 Ko /N (0.46, 0.46) Shukla et al, 1980
Ca-saturated " ——- -— 7.8 (0,45, 0.46)
Mg- " ——— - 7.8 (0,47, 0.45)
Na- " -—- -—= 9.3 (0,96, 0.41)
K- " -—- -— 9.3 {0.62, 0,45)

H- 2.8 (0,41, 0.47)



A Sl

Table 23-1 (Contd). ADSORPTION CONSTANTS FOR ZINC

Adsorbent Adsorbate Electrolyte Adsorption Measurements - References
[SL ol S;K b
ldentity(a) meq/100g m“/g Conc., M Identity Conc., M pH Constants(b) Value( )
SoiT (wt}) % UM, 6
Loam, 0.28 5.36 .- 107°-0.1 -—- --- 8.5
Untreated " --- --- Ke, 1/N (0.88, 0.44) Shukla et al. 1980
Ca-saturated " - ——- 7.8 " (1.40, 0.39)
Mg- " --- --- 7.8 " (1.39, 0.39)
Na- . ——- . 9.3 (4.29, 0.32)
K- b --- --- 9.3 " (1.39, 0.39)
H- " --- --- 2.8 " (0.28, 0.58)
AGS,, Ca-In 41.3
" , Mg-In 41.5
" , K-In 313
N , Na-In 23.6
Soil % 0.M.
Clay loam (forest soil) 5.1 3.5 Soil
0.75 cm 10.6 18.4 --- 1077+ *-107"" Sewage --- 6.1 AL KL (4.3, 7.2) Sidle and
7.5 - 15 ¢cm 5.4 8.4 -—-- " sludge --- 5.4 " (1.7, 7.5) Kardos 1977
leachate
Clay loam
A 1. Untreated clay fraction 23.8 264 0-10-3-31 NapSOy 0.0l 6.0 A, K 66, 4.7 Shuman 1975
2. Fe oxides removed 27.4 287 " " “ " " 66, 4.5
B2 1. 13.7 162 " " " " " 58, 4.4
2. 17.6 204 " " " " o 28, 4.5
Sandy loam
A 1. 6.4 111 " " " . b 35, 4.5
2. 10.1 n " " " " " 63, 4.6
B2 1. 15.7 156 " " " " " 28, 4.5
2. 19.1 517 " " " " " 29, 4.5
Loamy sand
A 1. 17.8 132 " " " " b 21, 4.6
2. 13.9 124 " " . " " 18,-4.6
82 1. 14.8 150 " ! " " " 30, 4.6
2. 18.2 504 " " " " " 33, 4.5
Loamy sand .
A 1. 25.8 223 " " " " " 51, 4.5
2. 23.1 220 " " . " " 72, 4.4
82 1. --- 256 . " " " " 74, 4.6
2. 28.5 232 " " " " 87, 4.5
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Table 23-1 (Contd).

ADSORPTION CONSTANTS FOR ZINC

Adsorbent Adsorbate Electrolyte Adsorption Measurements References
CEC S.A.
Idenfify(a) meq/100gq _rvlz_/g_ Conc,, M identity Conc,, M _PH Consfanfs(b) vatue'®’
Soil Horizon § Clay § OM
Clay
foam A 28,2 2,37 12,43 10740727 - --- 5.4 Al ! 39, 3.3 Shuman 1975
6.6, 5.7
B2t 48.3 0.10 9.85 -—- " --- -—- 5.7 40, 3.2
6.9, 5.4
Sandy
foam A 7.6 1,60 4,44 -—- " -—- -—- 6.7 22, 3.3
6.6, 5.6
821t 36.0 0.07 5.98 - " -— --- 5.2 27, 2.9
5.5, 5.1
Loamy
sand A 5.1 0.92 3,20 -—- " --- - 5.4 1, 3.6
4.4, 4.8
82t 40.4 0.12 5,32 -—- " --- -— 5.8 18, 3.4
: 5.8, 5.4
Loamy
Sand A 2,4 1,14 3,13 -— " --- -—- 5.3 11, 3.5
3.7, 5.
82t 14,7 0.03 2,62 -—- " -— --- 5.4 7.8, 4.
5.2, 4.7




Table 23-1 (Contd). ADSORPTION CONSTANTS FOR ZINC

Adsorbent Adsorbate Electrolyte Adsorption Measurements References
CtT S.A.
Identity(?) meq/100g  m°/ Conc., M Identity Conc., M - pH Constants(b
| 9 L Value(c)
Soil 3 Clay %0.M.
74 2.8 32.4 .- - ) 0.01 4.8 Ky, Koy K 4.70, 1.26, 5.08 Bar-Yosef 1979
25 1.8 15.7 --- --- o " z ZnOH 6.70, 1.60, 4.34
28 1.4 16.3 .- --- " b 6.70, 1.30, 5.34
36 0.07 6.0 -—- .- b " 4.08, 1.24, 6.45
2.4 1.14 3.1 - --- " " - 4,26, 1.26, 6.20
Sediment
Estuarine - indigenous 46.5-68.3 --- - Seawater  ~0.7 ~8 Ké: 1.8-17 Menon et al. 1980
trace metals
KE"  220-1500
+In .
Kna 340-2800
Zn
KMg 120-860
o River 10°4-8.1073-8  River - 7.3 A K (180,3.8) 0*Conner and
L water Kg» 19N (2.20, 0.74) Renn 1969
~
River #Ciay  %0.C. Sediment
12.6 3.3 - - 10-3-8.10-2-8 - 7.0 ALK (67,4.8) Duddridge and
13.2 3.7 7.4 (59,4.7) Wainwright 1981
3.6 0.81 6.8 (47,4.0)
4.9 1.06 7.1 (47,4.2)

{a) 0.M. = orgaric matter
(b) ng = selectivity coefficient

Am = Langmuir adsorption maximum, wmol g’l; KL' Langmuir constant, log ﬁfl
Ky = distribution coefficient, Lg'l

'K“T = conditional intrinsic adsorption constant for ionic species, log
Ké”t = intrinsic adsorption constant for ionic species, log

Acghem, 834s = free energy of adsorption, kcal mot 1

K, 1/N = Freundlich constants for A = K€/ A < ymot o715 €, uM
Kg = exchange constant, log
Ké = aftinity coefficient, log
AG,, = free energy of exchange, cal mol'l
Aé, Kﬂ, A%l, Kﬂl = two-site adsorption isotherm
(c) () = estimated values
AxD = Kq as a function of X, loading in umol g-1
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